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The Canadian plan for permanent disposal of used nuclear fuel involves a used fuel 
container (UFC), a carbon steel vessel with a copper coating to provide the corrosion 
protection. The corrosion conditions for the copper layer of the UFC are expected to involve 
small, stagnant water volumes, pH values between 6 and 9, and a continuous flux of γ-radiation 
emitted from the radionuclides trapped in the fuel matrix. While γ-radiation does not affect the 
copper metal directly, humid air and water will radiolytically decompose into redox-active and 
acidic species which will be produced at constant concentrations and can alter the corrosion 
behaviour of the copper coating. A fundamental understanding of the corrosion behaviour in 
the presence of γ-radiation is needed to predict the long-term corrosion progression of the 
copper layer of the UFC with confidence and assure its long-term integrity. 
This work investigates the combined effects of γ-radiation and solution conditions 
(initial pH, cover gas composition, and solution depth) on the dynamics of copper corrosion. 
The results show that the elementary steps involved in the overall metal oxidation process 
change as corrosion progresses (i.e., multiple steady-states during corrosion process), from 
which four distinct corrosion stages can be identified, each with characteristic corrosion 
product time-dependent behaviour. This work showed that the solution conditions – including 
the presence of radiation – do not change the stepwise behaviour of the corrosion stage; 
however, the solution conditions affect the rates of the elementary reactions in each stage, 
thereby affecting the overall metal oxidation rate. It is changes in the rates, rather than in the 
nature of the elementary reactions, that influence how fast the overall corrosion dynamics 
evolve through the different dynamic stages. 
This study has shown that the relationship between the copper dissolution and pH 
during copper corrosion can be correlated to the Cu(OH)2 solubility equilibrium in all studied 
solution conditions. This key thermodynamic relationship can help simplify the long-term 
modeling of the corroding system. Additionally, this work has clearly shown that the system 
experiences feedback loops that render the linear extrapolation of corrosion rate inaccurate. 
The elementary steps and the thermodynamic limitations for copper concentration values 
identified in this study provides a simplified approach toward developing a high-fidelity 
corrosion model.
  SUMMARY FOR LAY AUDIENCE 
iii 
 
SUMMARY FOR LAY AUDIENCE 
The Canadian plan for the permanent disposal of used nuclear fuel involves a used fuel 
container (UFC), a carbon steel vessel with a copper coating to provide external corrosion 
protection. The copper layer will be exposed to a continuous flux of γ-radiation emitted from 
the decay of radionuclides in the used fuel. Although the γ-radiation does not affect the metal 
directly, any trapped water or humid air near the UFC will decompose to produce redox-active 
and acidic species that can affect the corrosion of the copper coating. A fundamental 
understanding of the copper corrosion behaviour in the presence of γ-radiation is needed to 
predict the long-term corrosion progression of the copper layer of the UFC with confidence 
and assure its long-term integrity.  
In this thesis, a copper corrosion mechanism is proposed that can explain the combined 
effects of solution parameters and γ-radiation on the overall corrosion rate. The effects of 
radiation were decoupled by performing corrosion experiments in solutions containing the 
important radiolysis species (i.e., H2O2, H
+, and NO3−) as well as in solutions in the presence 
of radiation. The solution parameters investigated were the initial pH, cover gas composition, 
and solution depth/volume in the presence and absence of radiation.  
The results show that the solution parameters do not change the elementary reactions 
that determine the corrosion rate, but they may change the rates of the elementary reactions 
and the durations of the corrosion stages. This study has also demonstrated the importance of 
cupric ion solubility in determining the long-term corrosion behaviour. The work presented in 
this thesis will contribute to the development of a robust corrosion model that can accurately 
predict the extent of long-term radiolytic corrosion of the copper layer of the UFC. 
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CHAPTER 1. INTRODUCTION 
1.1  BACKGROUND AND MOTIVATON 
Nuclear power is a low-carbon energy source that provides about 10% of global 
electricity production.1,2 In Canada, nuclear power accounts for 15% of the country’s and 60% 
of Ontario’s electricity supply. However, the permanent safe disposal of used nuclear fuel must 
be addressed. Many options have been considered and deep geological repositories (DGRs) 
are generally considered the best approach for long-term waste disposal in many countries.3,4 
Canada’s plan for the permanent disposal of used nuclear fuel includes a deep geological 
repository (DGR), approximately 500 meters underground, using a multiple-barrier system as 
shown in Figure 1.1.5,6  
 
Figure 1.1 Schematic of the multi-barrier system to be used for long-term storage of used 
nuclear fuel.6 
In Canada, it is the Nuclear Waste Management Organization (NWMO) that is 
responsible for designing and implementing the DGR. The key engineered barrier is the used 
fuel container (UFC). Previous UFC designs loaded the fuel into a carbon steel (CS) inner 
vessel with 8 − 10 cm thick walls, which was emplaced in a copper (Cu) outer shell with 2.5 
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cm walls (left, Figure 1.2). The current UFC design is optimised for Canada Deuterium 
Uranium (CANDU®) fuel bundles and smaller in dimensions that facilitate easier handling 
and emplacement in the DGR. The CS vessel wall thickness was reduced, and the outer copper 
shell is replaced with a 3-4 mm integrally applied copper coating.5,7-9 The hemispherical head 
shape increases the mechanical strength for the container and the thinner CS and copper layers 
reduce cost and materials required. With thinner container walls, the radiation dose rate on the 
outside of the current UFC design is higher compared to previous designs.10  
 
Figure 1.2 Schematics of the previous and current Canadian UFC designs. 
CS was chosen for the inner vessel material due to its high strength and low 
susceptibility to localized corrosion.11 Copper was selected to act as a corrosion barrier material 
due to its thermodynamic stability in the anoxic long-term condition anticipated in the DGR.5,12 
The corrosion conditions that the copper layer will experience are not commonly studied in 
corrosion research: small water volume to surface area ratios, stagnant conditions, neutral to 
alkaline pH solutions, and a continuous, low flux of γ-radiation. Additionally, in the first 
hundred years after emplacement, the UFC will experience changing environments ranging 
from humid air with no condensed water on the surface to humid air in equilibrium with bulk 
water droplets/films on the surface, which could provide the required aqueous medium for 
corrosion to occur.5,11,13 It is crucial to have a good understanding of how the copper layer will 
behave in the unique and changing DGR conditions so that the depth of corrosion can be 
predicted with confidence. 
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Predicting the corrosion rate of copper under DGR conditions and over periods of time 
not easily studied experimentally is very challenging. Corrosion models must be developed 
based on a fundamental understanding of the rate-determining elementary reactions and the 
parameters they depend on (and not simply empirical observations), to be able to accurately 
extrapolate the corrosion rate beyond the experimental timescale. Experiments must be 
performed systematically, not necessarily to mimic the expected environmental conditions 
exactly, but to ascertain the rate-determining parameters.  
Previous studies have shown that the chemical reactions and transport processes in the 
interfacial solution region can become increasingly important if solution species accumulate 
during corrosion.14-16 Feedback loops can arise, resulting in non-linear chemical dynamics, 
complicating the analysis of observed behaviour. The linear extrapolation of corrosion rate in 
a system where feedback loops exist will not provide accurate long-term corrosion 
rate/depth.14,17-19 Furthermore, the corrosion rate may not have a linear dependence on solution 
parameters (e.g. pH, anion concentration) as would be expected with classical linear 
dynamics.16 
The outer copper coating of the UFC will be exposed to a continuous flux of γ-radiation 
emitted from the fission and neutron activation products trapped in the spent fuel matrix. The 
dose rates of α- and β-radiation at the copper surface are negligible and will not affect copper 
corrosion. The γ-radiation dose rate at the outside copper layer has been calculated to be 2.3 
Gy/h after 10 years of emplacement, and decay slowly to a background level of 0.2 Gy/h after 
100 years.10,13 The γ-radiation interacts with humid air and water trapped next to the copper 
surface producing redox active species that can affect the corrosion of the copper layer. Any 
radiation energy absorbed directly by Cu0(m) is dissipated as heat without inducing any 
chemical changes.13,20-23  
The chemically reactive radiolysis products will determine the aqueous redox 
conditions of the water and influence the corrosion kinetics in radiation-exposed systems.24-28 
These species can affect the corrosion rate and corrosion pathways and create conditions in 
which feedback loops can be established or enhance existing systemic feedback loops. The net 
production rates of radiolytic species on the timescale of metal oxidation depend on the 
radiation dose rate and the concentrations of solute species, including H+, O2 and reactive 
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anions (e.g., Cl−, NO3−).
10,20,29,30 Thus, solution parameters and γ-radiation must be studied in 
conjunction to have a clear understanding of the effects of radiation.  
1.2  THESIS OBJECTIVES AND METHODS 
The objective of this thesis work is to explore the combined effects of γ-radiation and 
the solution environment on the dynamics of copper corrosion and to develop a copper 
corrosion mechanism that can be used for more accurate prediction of the corrosion allowance 
of the copper coating of the UFC in the first few hundred years after emplacement in the DGR, 
when the radiation level is still significant. To develop the mechanism, the rate-determining 
step(s) and the key elementary processes that control the overall rate must be identified. The 
effect of radiation and solution parameters on each key elementary process can then be 
determined.  
In this thesis, solution parameters were varied systematically, with and without 
exposure to γ-radiation, and solution and surface changes were followed as a function of time. 
The parameters chosen were those that affect mass transport and/or solution reactions rates. 
The variables studied in this work include cover gas composition, initial pH, solution 
depth/volume and γ-radiation. The effects of key radiolysis products were decoupled through 
systematic studies involving both radiolytic production and chemical addition to develop a 
fundamental understanding of the effects of the radiolysis products. 
1.3  THESIS OUTLINE 
− Chapter 1: Background information on the project and the thesis motivation, objective, 
and outline are presented. 
− Chapter 2: Materials background, literature review, and theoretical background are 
presented for the properties of copper and its corrosion, radiation chemistry and 
radiolytic corrosion, and non-linear chemical phenomena. 
− Chapter 3: The experimental methods used in Chapters 4 − 8 are described. 
− Chapter 4: The relationship between the dissolved copper concentration and pH is 
investigated in all the redox and solution conditions studied in this thesis. How this 
relationship evolves with time is determined. The objective of this chapter is to 
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determine whether a specific relationship between pH and dissolved copper can be 
established and what the effects of solution parameters are on the relationship. 
− Chapter 5: The individual effects of the key radiolysis products, i.e., H2O2, H+, and 
NO3−, on copper corrosion are investigated. Specifically, how these species affect 
copper dissolution and oxide precipitation in early corrosion times is elucidated. The 
results from this chapter allow for the effects of radiolysis species to be decoupled when 
analyzing copper corrosion in the presence of radiation. 
− Chapter 6: The effects of γ-radiation on the copper corrosion dynamics are 
investigated in small CO2-free droplet solutions. A copper corrosion mechanism is 
proposed by investigating the time-dependent behaviour of corrosion products (i.e., 
dissolved copper concentration, pH, and solid deposits) in the presence and absence of 
radiation. This chapter gives important insight into how a constant flux of γ-radiation 
affects the rates and durations of stages of copper corrosion.  
− Chapter 7: The effects of cover gas on copper corrosion dynamics in the absence and 
presence of γ-radiation are investigated. The cover gases examined are aerated (with 
CO2), 21% O2 balance Ar, and deaerated, and the results are compared to those from 
the CO2-free air environment analyzed in Chapter 6 to elucidate the combined effects 
of cover gas and γ-radiation.  
− Chapter 8: The effects of a higher initial pH and solution depth/volume on the copper 
corrosion dynamics are investigated. There parameters were studied because they affect 
the mass transport conditions of cupric ions and are conditions relevant to the DGR 
environment. 
− Chapter 9: The summary and major conclusions of this thesis are presented along with 
a brief discussion on future work. 
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CHAPTER 2. TECHNICAL BACKGROUND 
2.1 COPPER BACKGROUND 
Copper metal, Cu0(m), is soft, malleable, and ductile with good electrical and thermal 
conductivity and highly resistant to corrosion. Its electronic configuration is [Ar]3d104s1 and 
the lone 4s electron explains many of coppers unique physical properties, such as its high 
electrical conductivity and its natural orange-red colour. Copper is produced as a 
polycrystalline solid which can increase its strength for practical applications. The individual 
Cu0(m) grain sizes depend on the metal pre-treatment and an example of the appearance of the 
wrought copper grains is shown in the SEM image in Figure 2.1.1,2  
 
Figure 2.1 Wrought copper microstructure.1 
2.1.1  Aqueous Copper Species  
The main aqueous copper species are cuprous (Cu+) and cupric (Cu2+). The extent to 
which a copper cation can dissolve in a particular solution is based on the anions present, the 
pH, and the temperature of the solution, and is illustrated by its solubility diagram. The 
diagrams are constructed based on a solid in equilibrium with its dissolved constituents as a 
function of pH (at a given temperature) or temperature (at a given pH).3,4 
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A hydrated copper ion will undergo hydrolysis in aqueous solutions (Eq. 2.1) due to 
the strong bonds that are formed between metal atoms and oxygen and because the OH− ligand 
is always available in water. The concentration of available OH− (i.e., pH) determines the 
extent of hydrolysis for a particular copper ion.3,4 The hydrolysis products for copper ions can 
be complicated, very often including polyatomic atoms (e.g. Cu2(OH)2
2+), but are generally 
considered as those shown in Eq. 2.1.4,5  
(Cu‧(H2O)6)
+ ⇌ (Cu(OH)‧(H2O)5) + H+ + H2O ⇌ (Cu(OH)2‧(H2O)4)− + 2 H+ + 2 H2O 
 (2.1a) 
(Cu‧(H2O)6)
2+ ⇌ (Cu(OH)‧(H2O)5)+ + H+ + H2O ⇌ (Cu(OH)2‧(H2O)4) + 2 H+ + 2 H2O 
⇌ (Cu(OH)3‧(H2O)3)− + 3 H+ + 3 H2O (2.1b) 
The hydrolysis products are usually written without the H2O ligand for simplicity. The 
solubility curve for a particular copper ion includes all hydrolysis products, which creates the 
parabolic shape as a function of pH shown in Figure 2.2.3,4 All hydrolysis products are 
collectively referred to as “Cu+(sol’n)” for cuprous species, and “Cu
2+
(sol’n)” for cupric species: 
Cu+(sol’n) ≡ Cu
+ + Cu(OH) + Cu(OH)2− (2.2a) 
Cu2+(sol’n) ≡ Cu
2+ + Cu(OH)+ + Cu(OH)2 + Cu(OH)3− (2.2b) 
Figure 2.2 shows the solubility diagram for Cu+(sol’n)/CuOH and Cu
2+
(sol’n)/Cu(OH)2. 
The solubility of Cu+(sol’n) is orders of magnitude lower than that of Cu
2+
(sol’n) when pH < 8.0, 
indicating that Cu2+(sol’n) is the dominant species in solution in this pH range.
4,6 When a solution 
becomes supersaturated with copper ions, the neutral hydrolysis (Cu(OH) or Cu(OH)2) product 
precipitates to maintain the solubility equilibrium. 




Figure 2.2 Solubility of cuprous (Cu+(sol’n)) and cupric (Cu
2+
(sol’n)) species in water at 25˚C. 
Another important consideration for aqueous species is their diffusion. Diffusion of a 
species is a function of its concentration gradient and diffusion coefficient, according to Fick’s 
first law of diffusion.7 The diffusion coefficient is a proportionality constant between the 
diffusion flux and the magnitude of a concentration gradient for a particular species in a 
particular medium, described in area per unit time (e.g., cm2/s), and can be used to determine 
the relative diffusion speeds of species. In a viscous media, diffusion is slower than that in 
water and diffusion in a porous media is the diffusion through the pore volume, determined by 
the pore size and connectedness.8 The diffusion of cupric ion species is slow compared to that 
of oxidants and OH−/H+, as illustrated in Table 2.1. 
Table 2.1 Diffusion coefficients for relevant species in water at 25 ˚C.9 
Species 
Diffusion coefficient (at 












2.1.2  Cupric Hydroxide 
Cupric hydroxide, Cu(OH)2, is bluish green in colour (Figure 2.3a) and has been 
reported to be polymorphic, most commonly fibrous shaped or colloidal.2,6,10-12 The properties 
of Cu(OH)2 are dependent on how it was formed and the age of the precipitate.
13 The colloidal 
form of Cu(OH)2 is often unavoidable without specifically controlling the environment, due to 
strong hydrogen bonds with water.14-16 Cu(OH)2 colloids have been observed to aggregate into 
a hydrogel simply through saturating a basic solution with a cupric salt and adding a species 
to enhance cupric ion hydrolysis, for example cupric acetate with ammonia,11 cupric chloride 
with propylene oxide (an image of the hydrogel grown in this well is shown in Figure 2.3b),15 
and cupric acetate with ammonium carbonate.17 
The propensity of Cu2+ to form polynuclear hydroxide complexes (most reported is 
Cu2(OH)2
2+, but also Cu2(OH)
3+ and Cu3(OH)4
2+) even at low Cu2+ concentrations is an 
entropic effect and contributes to the formation of colloids and gels.6,18 Indeed the formation 
of these colloids and gel networks have contributed to the large variations in the reported 
solubility constant for Cu(OH)2. Aging of Cu(OH)2 particles is also another source of error 
when determining its solubility properties as the transition from Cu(OH)2 to hydrous oxide to 
solid CuO is not obvious through spectroscopy or other analysis techniques.6,13 




Figure 2.3 a) Optical and b) SEM15 images of copper(II) hydroxide, Cu(OH)2. 
2.1.3  Cuprous Oxide  
Cuprous oxide (called cuprite as a mineral), Cu2O, is the main oxide of copper formed 
during corrosion. Cu2O is a semiconductor with a bandgap energy range of 2.0 – 2.2 eV, 
corresponding to yellow light.19 Cu2O can range in colour from pink to deep red depending on 
the crystal size and can appear darker, even black, if it contains impurities, such as hydrogen 
during atmospheric corrosion.3,20 While small Cu2O crystals are reported to be yellow, the 
yellow species has also been attributed to the metastable (kinetically stable) species CuOH.21,22  
Like its colour, other physical properties of Cu2O can vary substantially. Cu2O has been 
grown in many different shapes, such as cubic,16,23,24 octahedral,25,26 hopper cubes,27,28 and 
hollow crystals.29-32 Whether Cu2O is a p- or n-type semiconductor depends on the growth 
mechanism and parameters, for example anodically grown Cu2O exhibits p-type properties 
while naturally grown Cu2O in the same solution can either be p-type or a duplex layer of n- 
and p-type depending on growth time. Cu2O exhibits an n-type behaviour when its grown via 
deposition of soluble Cu+ or Cu2+.19,20,33 Since the properties can vary substantially, Cu2O has 
a wide range of applications, such as biosensors,32 solar energy conversion,34 gas sensing,35,36 
catalysis,37-39 electrode materials for lithium ion batteries,40,41 and others. 
Synthesis of Cu2O crystals through chemical reduction of Cu
2+
(aq) has been widely 
studied, where a cupric salt (sulphate, nitrate, acetate, or chloride) is reduced to Cu+ using a 
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mild reducing agent, such as sodium ascorbate,23,24 hydrazine,25,29,30 and glucose.16,26 Exposing 
a Cu2+-saturated solution to γ-radiation is also a common synthesis method.42 Different 
concentrations of these chemical additives, as well as addition of surfactants (e.g. 
cetyltrimethylammonium, sodium dodecyl sulfate, polyvinylpyrrolidone), increased 
temperatures, pH variations and reaction time can be used to tune the size and morphology of 
the resulting Cu2O crystals.
24,26,32 CuOH has been shown to be an intermediate in the synthesis 
of Cu2O crystals.
42-44  
The Cu atoms in Cu2O are FCC packed, while the O atoms are BCC packed. The unit 
cell of Cu2O is shown in Figure 2.4, along with some crystallographic planes.
45,46 Growth of 
a single Cu2O crystal occurs based on the surface lattice energies, as indicated in Figure 2.4, 
where the {113} plane has the fastest growth rate and the {111} has the slowest (unless the 
reactivity of a surface is altered by the presence of additives that preferentially adsorb on 
particular crystallographic planes).45,46 A plane with a faster growth rate will diminish faster 
during crystal growth. Cu2O single crystals initially grow in cubes with 6 faces of {100} planes 
but slowly will change shape into truncated cubes, truncated octahedrons, and eventually to 
octahedrons, with 8 facets of the thermodynamically most stable {111} planes (Figure 2.5). 
Longer growth time will lead to crystals with many faces and eventually spheres.28,45 More 
shapes are possible due to competition between precipitation/crystallization and diffusion, 
including branching structures and hopper-cubes.28,47 Both kinetics and thermodynamics play 
an important role in determining the shape of Cu2O.  




Figure 2.4 Cu2O unit cell, with FCC Cu and BCC O, along with some crystallographic planes 
of Cu2O in order of highest to lowest surface lattice energy.
45 
 
Figure 2.5 Time dependent growth of Cu2O, from cubes to octahedron.
45 
2.1.4  Other Solid Cupric Species 
At room temperature, CuO is less stable than Cu2O. CuO, as a mineral called tenorite, 
is a semiconductor with a bandgap of 1.3 −1.9 eV, and is black in colour.19 It is formed by 
heating Cu0 in air or other Cu(II) solids at more than 300 ºC.48 While CuO has occasionally 
been reported during room temperature Cu0 corrosion, Cu(OH)2 is kinetically favoured and is 
hard to differentiate from CuO using spectroscopic techniques.49-51 
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Cupric ions in solution easily complex with carbonate to produce malachite, 
Cu2(CO3)(OH)2, or azurite, Cu3(CO3)2(OH)2 (sometimes written as CuCO3•Cu(OH)2 and 
2CuCO3•Cu(OH)2, respectively). CuCO3 as a solid product quickly reacts with moisture in the 
air to produce basic Cu carbonates.52 Azurite is bright blue (Figure 2.6a) and is more rare than 
malachite. Malachite is bright green (Figure 2.6b) and is a common copper corrosion 
product.53,54 In fact, malachite is common in patinas, contributing to the green colour of the 
Statue of Liberty for example.55 The formation of its banding patterns (Figure 2.6b) have been 
a source of interest in geology and has been attributed to non-linear chemical oscillatory 
behaviour, such as in the Belousov-Zhabotinsky (B-Z) reaction.53,56  
 
Figure 2.6 Optical images of basic cupric carbonate minerals (a,b) and basic cupric nitrate 
minerals(c,d57). a) Azurite, Cu3(CO3)2(OH)2, b) Malachite, Cu2(CO3)(OH)2, c) Gerhardtite, 
Cu2(NO3)(OH)3, and d) Rouaite, Cu2(NO3)(OH)3. 
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Copper nitrates are a very common corrosion product when in the presence of NO3−. 
Pure Cu(NO)3 is found in either tri- or hexahydrate form and is a blue, highly soluble salt. 
Anhydrous nitrate is difficult to produce as decomposition into basic copper (II) nitrate is 
preferential over dehydration.58 Basic copper (II) nitrate minerals are rare in nature – as they 
are usually complexed with other anions such as chloride – but have been seen to include 
likasite, Cu3NO3(OH)5•2H2O, and the polymorphs gerhardtite (orthorhombic) and rouaite 
(monoclinic), Cu2(NO3)(OH)3 (sometimes written as Cu(NO3)2•3Cu(OH)2) (Figure 2.6c, 
d).59,60 Likeasite is the most thermodynamically stable of the copper nitrates but the conditions 
in which it is produced (highly alkaline and high Cu2+ concentrations) are uncommon. The 
polymorphs are formed in solutions at near neutral pH, with gerhardtite being the most stable.58 
2.2  RADIATION CHEMISTRY  
2.2.1 Types of Radiation 
Radiation chemistry deals with the chemical effects produced in a system when 
exposed to high energy ionizing radiation. The types of ionizing radiation include high-energy 
charged particles, e.g. alpha () and beta () particles, and electromagnetic waves, e.g. gamma 
() rays, because they have energies in the range of keV to MeV which is many orders of 
magnitude higher than the excitation and ionization energy of atoms or molecules (tens of eV).2 
Ionizing radiation interacts with matter, A, by indiscriminately colliding with electrons 
bound to atoms and molecules, transferring its kinetic energy to cause ionization (Eq. 2.3a) 
and/or excitation (Eq. 2.3b), which will then thermalize.  
A A•+ + e− (2.3a) 
A A* (2.3b) 
For comparison, a photon with less energy (e.g. a visible light photon) will excite a specific 
dissolved molecule, while high-energy radiation excites or ionizes many molecules along the 
path of radiation within the material, called the radiation track. Penetration depth of radiation 
is dependent on the energy of the particle as well as the density of the interacting medium.61-64  
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Charged particles interact with matter mainly through Coulomb forces between their 
charge and the atomic electrons.  particles, the nuclei of helium atoms, are emitted by 
radioactive nuclei with a discrete energy that is characteristic of the radioactive decay 
process.61-63 Along the collision track,  particles interact through inelastic collisions with only 
small amounts of energy being lost with each collision due to their large size compared to the 
electrons they interact with. However, the large collision cross-section with electrons leads to 
a short penetration depth with a dense collection of excited and ionized particles, shown in 
Figure 2.7a. 61-63 
 
Figure 2.7 Penetration depth in water for , , and γ particles (distance not to scale).61 
 particles are high-energy electrons or positrons emitted by atomic nuclei during beta 
decay. A particular radioactive nucleus emits  particles with an energy range from 0 to a 
maximum energy that is characteristic of the element and have a large penetration depth, 
compared to that for  particles (Figure 2.7). Because the mass of the  particle is identical to 
the scattering electrons, almost half of the kinetic energy is transferred per collision and can 
be deflected at a large angle. Due to the large transfer of energy, the scattered secondary 
electrons (formed via Eq. 2.3a) can interact with other electrons, propagating the energy in 
many directions but with reduced efficiency with each cascade. This creates many pockets of 
excited or ionized particles along the radiation track.61-63   
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γ-rays are a form of electromagnetic radiation with an energy between 0.001 and 8 
MeV. A given γ-radiation source can emit multiple γ-rays during decay with specific, 
characteristic energies. A -photon with energy over 0.01 MeV transfers its energy to 
interacting matter mainly through Compton scattering.61-63 Compton scattering results in the 
ejection of a ‘primary’ electron with a very high kinetic energy (close to that of the initial -
photon). The primary electron is also referred to as a “hot” or “fast” electron. The high-energy 
primary electron continues to travel along the direction carried by the momentum gained 
during Compton scattering. At this point, the propagation is identical to that of a  particle and 
any chemical effects induced by - and γ-radiation with the same absorbed energy are 
essentially the same. The probability of inelastic Compton scattering to produce a primary 
electron is low, thus the penetration depth of a γ-ray is large (Figure 2.7).61-64  
With each collision of the primary electron, it transfers on average ~ 100 eV to a 
secondary electron. Because the ionization energy of most atoms and molecules is less than 
tens of eV, each secondary electron can also ionize or excite 2-3 atoms or molecules nearby. 
Each collision of the primary electron with atoms and molecules creates a cluster of 2-3 
ion/electron pairs or excited molecules, known as a spur. If the spur can expand before the ions 
and electrons recombine or the excited molecules return to the ground states, the energy 
transferred from ionizing radiation to matter will not induce significant chemical changes. 
However, if the interacting medium is highly dielectric, such as water, the ions and electrons 
can be easily separated, and radiation can induce significant chemical reactions.61-64 
2.2.2 Primary Water Radiolysis Processes 
Interactions of high energy radiation with matter is indiscriminate, meaning that 
molecules are ionized/excited only based on their relative abundance and it is called a “solvent-
orientated process”. The interactions described in Section 2.2.1 are direct or primary radiation 
effects (ionization and excitation of molecules); there are also indirect or secondary radiation 
effects (chemical reactions caused by ionized/excited molecules). That is, direct radiation 
effects will affect the solvent, while solutes in dilute concentrations will primarily be indirectly 
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affected.61-64 Discussions on direct radiation effects then can be narrowed to water for aqueous 
solutions.  
The radiation track of a primary electron is illustrated in Figure 2.8. The primary 
electron will interact with several water molecules before thermalizing, as described for -
particles. Each initial interaction (~ 10-16 s) yields the water radical cation (Eq. 2.4a) and 
excited water molecules (Eq. 2.5a). Coulombic forces between species can lead to 
recombination of water, which reduces the net chemical decomposition caused by absorption 
of radiation energy. They can also react between themselves and with other water molecules.  
H2O  H2O
•+ + e− (2.4a) 
H2O
•+ + H2O → HO
• + H3O
+ (2.4b) 




* → H• + HO• (2.5b) 
The water radical cation quickly (~ 10-14 s) loses a proton to a neighbouring water 
molecule (Eq. 2.4b). The electron formed after ionizing water (the secondary electron) could 
have enough energy to create a short radiation track before thermalizing and hydrating (Eq. 
2.4c). Excited water dissociates to yield atomic hydrogen and hydroxyl radicals (~ 10-13 s) (Eq. 
2.5b).61,64 These decomposition products (Eq. 2.4 – 2.5) are located together to make up spurs, 
which are distributed unevenly throughout the radiation track. 




Figure 2.8 Illustration of the radiation track of a fast electron in liquid water and the resulting 
spurs consisting of ionized water and secondary electrons (spur size not to scale).61 
As the species diffuse out from the spur, they become free ions and free radicals. These 
species can have relatively long lifetimes in water (due to the high dielectric constant).61-64 
They can react with species from adjacent spurs (depending on the density of spurs) and with 
solvent molecules. Approximately 100 ns after the initial interaction, the species within spurs 
had diffused out and reacted resulting in all the products being homogeneously distributed in 
solution. The chemical yields at ~ 100 ns are referred to as the primary radiolysis yields and 
the radiolytic decomposition products as the primary radiolysis products. The primary 
radiolysis yields are dependent on the total absorbed radiation dose and thus, are expressed in 
G-values or the number of molecules of product formed per 100 eV of energy absorbed, with 
the standard units of μmol/J. The primary radiolysis products for water decomposition are 
shown in Eq. 2.6 with the G-values in brackets in units of μmol/J.61,64-66 
H2O(l) (−0.40)  HO
• (0.27), H+ (0.26), e−(aq) (0.26), H
• (0.06), H2 (0.04), H2O2 (0.07) 
 (2.6) 
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2.2.3 Long-Term Radiolysis 
Once formed (t > 100 ns), the primary radiolysis products are homogeneously 
distributed and will continue to react with species in solution (including solvent molecules, 
solutes, and dissolved gases).61,63 Consequently, their concentrations will continuously change 
until a steady state has been established, which takes on the timescale of minutes (long 
compared to that in which primary radiolysis products are formed). The concentrations of 
radiolysis products at this stage can be determined using traditional homogeneous rate and 
mass transport equations, although the large number of chemical species that can be formed 
from even a simple system renders it complex. About 50 elementary reactions are required to 
determine the rate of formation and steady-state concentrations of water radiolysis products.65 
The steady-state concentrations of water radiolysis products are strongly influenced by the 
initial pH and dissolved species.63,65-69 It is the steady-state concentrations, not the primary 
radiolysis yields, that impact interfacial chemical processes, i.e. corrosion, which have large 
activation energies and proceed relatively slowly.45,70-72 The steady-state concentration values 
can be disturbed by chemical reactions that occur on a longer timescale, such as acid-base 
equilibria and interfacial phase transfer reactions.63,65 
2.2.4 Humid Air Radiolysis 
The G-values for humid-air radiolysis products, like water radiolysis products, are well 
established.61,73 The main products of radiolytic decomposition of humid air (Eq. 2.7) are 
dependant on the relative humidity (RH) and irradiation time.  
H2O(g), N2(g), O2(g)  NOx, HNO3 (2.7) 
At > 10% RH the radiolysis main products are •OH(g), •HO2(g) at short times, due to water vapour 
radiolysis, and HNO3 at longer times, through the combination of •OH(g) and NO2(g).
73 HNO3 
condenses on available surfaces and/or dissolves into solution, making it an important radiolysis 
product during aqueous corrosion. The concentration of dissolved HNO3 formed via humid air 
radiolysis is not affected by the relative humidity but does depend on the radiation dose rate. 
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Its dissociation in solution decreases the solution pH and adds nitrate, a complexing anion that 
can participate in electrochemical reactions during corrosion.73,74  
2.2.5 Radiation Relevant to Nuclear Waste Disposal 
The UFC will be exposed to a continuous flux of ionizing radiation emitted from the 
radioactive fission and neutron-activation products trapped in the used fuel matrix (mainly the 
decay of 137Cs with a half-life of 30 years). The ionizing radiation from radionuclides include 
- and -particles and -photons with energy in the range of 0.1 to 10 MeV. The fuel cladding 
material (zirconium alloys) and thick (4.6 cm) carbon steel vessel effectively shields - and -
particles from reaching the exterior of the UFC. Thus, γ-radiation is of main interest concerning 
the corrosion of the copper coating of the UFC.65,66 The dose rate − the quantity of radiation 
absorbed per unit time − at the outer surface of the UFC is expected to be ~2 Gy/h at the time 
of emplacement in the DGR, but decay exponentially with time to 0.1 Gy/h in 100 years 
(Figure 2.9), where gray (Gy) is equal to the absorption of one joule of radiation energy per 
kilogram of matter (water, in this case).73  
 
Figure 2.9 Calculated γ-radiation dose rate and accumulated doses at the internal (carbon steel) 
and external (copper) surfaces of the UFC starting with 10-year-old fuel.73 
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When exposed to ionizing radiation both Cu0(m) and the surrounding water absorb the 
radiation energy, but the energy transferred to the metal is dissipated as heat without inducing 
chemical changes.65,66 The main effect of the presence of radiation, then, is due to the humid 
air and water radiolysis products (Eq. 2.6 − 2.7).61 The concentrations of radiolytically 
produced species were modelled at the dose rate used in this thesis (2 kGy/h), shown in Figure 
2.10. The model only considers water and humid air system, i.e. without a Cu0(m) surface. H2O2 
is the main radiolytic product in the first ~ 10 h of exposure, formed mostly from water 
radiolysis. As humid air radiolysis forms HNO3, it dissolves into available water and its 
concentration quickly surpasses that of H2O2. The concentration trend of NO2
– is the same as 
NO3
– as its main formation pathway is through NO3
– reduction.65,73 
 
Figure 2.10 Simulated production of water and humid air radiolysis species in the presence of 
2 kGy/h γ-radiation (in the absence of copper corrosion).73 The dashed vertical line indicates a 
change in the dominant radiolysis product from H2O2 to NO3
–. 
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2.3  COPPER CORROSION  
2.3.1  Copper Redox Chemistry  
Copper can take on many oxidation states, with the main states under ambient 
conditions being 0, +1, and +2. Redox half-reactions between copper species are shown in Eq. 
2.8 – 2.10 along with their standard electrode potentials (𝐸0).3,75  
Cu+(aq) + e− ⇌ Cu0(m)  E0 = 0.521 VSHE (2.8) 
Cu2+(aq) + 2 e− ⇌ Cu0(m)  E0 = 0.337 VSHE (2.9) 
Cu2+(aq) + e− ⇌ Cu+(aq)  E0 = 0.153 VSHE (2.10) 
The standard electrode potential of a half reaction is the potential at which the half reaction is 
in equilibrium with respect to the standard hydrogen electrode (SHE) at standard conditions 
and indicates the spontaneity of the reaction.75 The standard electrochemical potentials for the 
half reactions between the copper species indicate that the oxidation of Cu0 to the higher 
oxidation state, i.e. Cu2+, is more favourable than oxidation to Cu+ and the interconversion 
between Cu+ and Cu2+ has a lower energy barrier than either Cu+/Cu0 or Cu2+/Cu0. Despite the 
general assumption that electrochemical reactions occur in one-electron steps, Cu0 oxidation 
to Cu2+ is favourable compared to that to Cu+. These distinct redox properties of copper species 
render Cu0 corrosion a difficult process to study electrochemically.33  
Copper half-reactions between the main solid species (oxides/hydroxides) are shown 
in Eq. 2.11 – 2.13, where similar potential relationships exist between the copper oxidation 
states.75 
Cu2O(s) + H2O + 2 e− ⇌ 2 Cu0(m) + 2 OH−  E0 = −0.360 VSHE (2.11) 
Cu(OH)2(s) + 2 e− ⇌ Cu0(m) + 2 OH−  E0 = −0.222 VSHE (2.12) 
2 Cu(OH)2(s) + 2 e− ⇌ Cu2O(s) + 2 OH− + H2O   E0 = −0.080 VSHE (2.13) 
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The standard electrode potentials for copper (Eq. 2.8 – 2.13) render its oxidation in 
anoxic pure water thermodynamically impossible, which is an attractive quality in many 
applications, including nuclear waste disposal.3,74,76 The standard electrode potentials do not 
take into account the conditions of the studied system, thus must be adjusted to equilibrium 
potentials (𝐸𝑒𝑞) using the Nernst equation (Eq. 2.14), where 𝑧 represents the number of moles 
of electrons transferred in the reaction and 𝐹 is Faraday’s constant (96485 C/mol).75 






)  (2.14) 
Importantly, the Nernst equation adjusts the standard electrode potential for the activity (𝑎) of 
the reduced (red) and oxidized (ox) species at the electrode surface at equilibrium. The activity 
of the involved species can change throughout the corrosion process and thus the 
thermodynamically allowed reactions can change with corrosion time. While thermodynamic 
properties provide the driving force(s), corrosion is a kinetic process and should not be 
assumed to be at thermodynamic equilibrium. 
2.3.2 Corrosion Background 
Metal corrosion in aqueous environments involves charge transfer reactions, including 
the metal (M) oxidation and solution species (Ox) reduction half-reactions. 
M + Ox → Mn+ + Red (2.15) 
The overall reaction is thermodynamically driven due to a difference in chemical potential 
between the metal and the solution it is in contact with. In general, the current during this 
reaction is governed by the rates of (i) electron transfer at the electrode surface, (ii) surface 
reactions, including adsorption and desorption processes, (iii) chemical reactions preceding or 
following the electron transfer (homogenous, such as protonation, or heterogenous, such as 
catalytic decomposition), and (iv) mass transfer of metal cations from metal surface to the 
solution phase (and oxidants from the solution phase to the surface). The rate constant (k) of a 
charge transfer reaction at the electrode surface depends on the electrode potential. 
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Long-term corrosion involves not just the initial charge transfer (Eq. 2.15) but 
subsequent electrochemical and/or chemical reactions that can be categorized as oxidation-
reduction, chemical reactions without electron transfer, and species transport; all of which take 
place on different temporal and spatial scales. For example, the redox reactions and some 
chemical reactions (e.g., hydrolysis) occur on the order of seconds or minutes, whereas the 
formation of oxides could take hours or even days.77,78 As metal ions are produced, they have 
two possible pathways: diffusion into the bulk solution (transport) or oxide formation 
(chemical reaction) on the surface. The predominance of one of these pathways is determined 
by solution parameters and corrosion time.  
Pourbaix diagrams (Eeq vs. pH) are thermodynamic stability diagrams for a given 
corroding system in given conditions. They are useful in determining the thermodynamically 
possible species during corrosion; however, they vastly change with temperature, aqueous 
concentration, presence of additives, and solid and aqueous species considered, and therefore 
must be used with caution. Importantly, the concentration of oxidants and metal atoms in 
corrosion systems is continuously changing. Even in a simple corroding system, the 
concentration of Cun+ in solution starts very small and can increase significantly as Cu0(m) 
oxidizes and dissolves. Likewise, corrosion in unbuffered solutions causes the pH to increase 
as the reduction reaction produces OH- (or consumes H+). That is, naturally progressing 
corrosion systems are not under thermodynamic equilibrium. While Pourbaix diagrams can 
determine what the final state of the corroding system will be and what reactions are 
thermodynamically allowed, they cannot provide rate or mechanistic corrosion information.3 
A good example is Cu2O, which is thermodynamically stable in a specific range of potentials 
at certain pH values, however the direct oxidation of Cu0 to Cu2O is only possible at high 
temperatures.79 Similarly, while CuO is more thermodynamically stable in a wide variety of 
potentials and pH values, the formation of Cu(OH)2 is known to be kinetically favoured.
33  
Generally, corrosion rate is determined experimentally usually using electrochemical 
methods, such as Tafel extrapolation, or by weight loss measurements. Tafel extrapolations 
determine the instantaneous corrosion rate through the linear extrapolation of a polarization 
curve, as shown in Figure 2.11. Determining the corrosion rate in this way is only valid under 
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very particular conditions, including that the system is under activation control, and that there 
are no additional reactions occurring at the electrode surface due to the changing potential.75,80 
Weight loss experiments are those that involve dissolving solid species formed on the metal 
surface, weighing the sample, and comparing that weight to that of the sample before corrosion. 
The weight loss is then used to determine the corrosion rate in terms of the amount of metal 
that has been oxidized. This method is satisfactory if the focus is exclusively on the degradation 
of the metal within the experimental times. The extrapolation to longer times is only valid with 
the assumption that the rate of mass loss is linear for the entirety of corrosion.  
 
Figure 2.11 Linear Tafel extrapolation of corrosion current (Icorr).  
There are many types of corrosion categorized based on physical observations of the 
metal degradation. Uniform corrosion occurs equally across the exposed metal surface. In this 
type of corrosion there are no preferential areas of attack and it is easy to quantify the amount 
of material loss. Localized corrosion is a blanket term for corrosion that occurs preferentially 
in a particular location either due to variances in the metal surface or environmental 
considerations. In this type of corrosion, the location of net oxidation and location of net 
reduction must be physically separated. For example, pitting is a severe localized corrosion 
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attack that can be hard to predict and be catastrophic for the material. Having a protective layer 
(usually an oxide film) on the metal surface which breaks down in one location is a prerequisite 
for pitting corrosion. The location of the breakdown, i.e., the pit, creates a concentrated area 
for underlying metal oxidation and dissolution, permanently separating the anode (metal in the 
pit) from the cathode (the rest of the surface, covered with a passive film). Intergranular 
corrosion is another common type of observed localized corrosion, where the boundaries of 
the metal grains are more susceptible to attack compared the center of the grains because the 
atoms on the boundaries are higher in energy than those in the bulk.81 
2.3.3 Aqueous Copper Corrosion 
O2 is the most common Cu
0
(m) oxidant. The oxygen reduction reaction (ORR) on metal 
surfaces is a fundamental process studied in many fields of electrochemistry and many reaction 
pathways for ORR have been proposed.75,82-85 H2O2 has been proven to be an intermediate in 
the ORR on metal surfaces, suggesting O2 reduction on metal surfaces is a two-step process in 
which the first step is rate determining.86 
O2 + 2 H
+ + 2 e− ⇌ H2O2 (2.16a) 
H2O2 + 2 H
+ + 2 e− ⇌ 2 H2O (2.16b) 
Aqueous copper oxidation at room temperature generally results in dissolved copper 
cations. Depending on the anions present in water and the corrosion duration, different soluble 
and/or insoluble complexes or oxides can form.87 Cu2O is almost always reported to be a solid 
copper corrosion product and thus a common assumption is that the oxidation of Cu0 forms 
Cu2O directly.
78  
Corrosion studies on pure, unalloyed Cu0(m) are uncommon and those that exist are done 
in large volumes of alkaline or acidic solutions.88,89 Common applications of Cu0 involve 
flowing water (e.g. pipes, on roofs), which can significantly change the corrosion dynamics 
compared to stagnant water (relevant to DGR conditions).77,90 Many studies investigate the 
effects of parameters such as pH, dissolved O2 concentration, and anion concentration, 
however studying the time-dependent corrosion evolution and these parameters is rare.90,91 
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Furthermore, copper corrosion studies in the presence of radiation are limited.92 This thesis 
investigates the corrosion dynamics of copper in the presence of γ-radiation at near-neutral 
initial pH solutions with anions only naturally present in pure water (i.e. bi/carbonate from 
dissolved CO2 and radiolytically produced NO3
-), thus a review of current literature focuses on 
these conditions.  
2.3.4 Effect of pH on Copper Corrosion  
Solution pH is an important parameter in corrosion research. H+ is a reactant in 
reduction reactions (Eq. 2.16) and as such its concentration can change the kinetics of the 
reaction. Additionally, the pH of a solution will affect solubility of copper ions (Figure 2.2), 
which can change both the driving force for reactions (by changing equilibrium concentrations) 
and the kinetics of reactions that result in soluble copper species. The effect of pH on other 
solution parameters is not necessarily linear due to feedback loops developed throughout 
corrosion, and as such comparisons between studies with different conditions are not always 
straightforward.  
Corrosion studies investigating the pH effects often ignore the effects of corrosion time 
− and thus the kinetic effects of corrosion − by taking measurements after only one time point. 
For example, Feng et al.91,93 investigated the effects of pH by performing experiments in three 
different pH values (5, 7.6, and 10) by taking measurements after only 24 hours. They 
determined that for each pH, there was a different corrosion mechanism and different corrosion 
film morphology.94  
Other studies (which consider kinetic effects to varying degrees) have found that 
copper corrosion rate is at its minimum in solutions with pH ~ 8.5 – the pH at which Cun+ 
solubility is at its lowest.95,96 In solutions of all pH values, diffusion and copper ion solubility 
has been identified as an important consideration in determining corrosion rate and film 
formation.78,93-95,97-102 While the diffusion limiting species is often assumed to be O2, many 
studies show that rate limitations due to Cun+ diffusion is more likely.93,95,97-99,103 
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2.3.5 Copper Corrosion in Carbonate Solutions  
Ives and Rawson (1962)90,104-106 wrote a four-part paper investigating the 
thermodynamics, kinetics, and electrochemical theory of copper corrosion in naturally aerated 
water (that is, saturated with O2 and CO2). In particular, they examined the Cu2O film thickness 
and dissolved Cu2+ concentration as a function of O2 and CO2 partial pressure at various time 
points.90 They did not separate the effects of CO2 partial pressure from the resulting pH effect 
but did report the pH values. At all studied CO2 partial pressures, they found that the Cu2O 
film growth and the Cu2+ dissolution remained in step, attributed to the reverse 
disproportionation of Cu2O, i.e. Cu
0 reaction with Cu2+(aq) to form Cu2O (Eq. 2.17). 
Cu0(m) + Cu
2+
(aq) + 2 OH− ⇌ Cu2O(s) + H2O (2.17) 
Although not explicitly discussed, they showed that at high CO2 partial pressures the Cu2O 
film growth and Cu2+ dissolution was independent of CO2 (and thus HCO3
– and CO3
2– 
concentration), while at lower CO2 partial pressures the film growth and dissolution increased 
with increasing CO2 pressure. This correlation has been seen by many authors but it is unclear 
if this is an effect of the CO2 or pH.
107  
A large area of research related to copper corrosion in the presence of HCO3
– and CO3
2– 
is the effects on pitting corrosion, specifically the growth of a protective film precursor. The 
conditions under which copper grows a passive film – likely a duplex film of Cu2O/CuO or 
Cu2O/Cu(OH)2 – are not well-defined. HCO3
– has been shown to both cause passivation and 
promote active dissolution.102,108-110 The controversy may be due to the dual nature of 
bicarbonate based on the solution pH. That is, in acidic solutions bicarbonate promotes 
dissolution (and corrosion rate), whereas in alkaline solutions (reportedly ≥ 8.1) passivation is 
observed.102,110 Increased dissolution at lower pH values is attributed to the complexation of 
Cu2+ with HCO3
–, while the mechanism of passivation by HCO3
– is contentious.102,109,110 Some 
authors report that the passivation is due to the formation of basic copper carbonate films while 
others report that HCO3
– adsorbs and stabilizes the passivating oxide or hydroxide 
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film(s).108,110 Some authors suspect that it is in fact the HCO–/CO3
2– ratio, not their individual 
concentration, that determines the passivation or dissolution of the underlying metal.111  
2.3.6 Copper Corrosion in Nitrate Solutions 
The complete nitrate reduction involves 8 electrons.  
NO3− + 9 H
+ + 8 e− ⇌ NH3 + 3 H2O (2.18) 
Due to the high stability of many of the reaction intermediates, the reduction proceeds through 
a sequence of multi-step electron transfer reactions.112 The nitrate reduction processes involve 
different intermediate steps depending on the nature of the electrode material, electrolyte pH, 
electrode potential, the presence of molecular or ionic additives in solution.112-115 Nitrate 
reduction on different copper planes has different activities, thus a polycrystalline Cu0 
electrode may lead to several nitrate reduction products, although it is commonly accepted that 
the first reduction step is rate determining due to slow nitrate adsorption on the surfaces of 
transition metals (Eq. 2.19).113,115,116  
NO3− + 2 H
+ + 2 e− ⇌ NO2− + H2O (2.19) 
Nitrite (NO2
–) is commonly detected as a by-product during Cu0 corrosion in the 
presence of nitrate (Eq. 2.19).100,113,115 It is a weak acid with a pKa = 3.35 and its stability of 
nitrate is affected by the solution pH. Nitrite is stable in near-neutral and alkaline solutions but 
in acidic solutions, decomposition via Eq. 2.20 or disproportionation via Eq. 2.21 decreases 
its concentration.117-119  
2 HNO2 ⇌ NO + NO2 + H2O (2.20) 
3 HNO2 ⇌ H+ + NO3− + 2 NO + H2O (2.21) 
These reactions do not participate in electrochemical corrosion reactions but can be involved 
in chemical solution reactions. On metal surfaces, chemisorbed NO2 can also undergo further 
reduction to form NO (Eq. 2.22).117,119,120  
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NO2−(ads) + 2 H
+ + e− ⇌ NO(ads) + H2O (2.22) 
Turnbull et al. (2017)100 studied Cu0 corrosion exposed to small volumes of acidic 
nitrate solutions. They found that nitrate reduction to nitrite participates in the oxidation of 
Cu0, but that O2 is the dominant oxidant. They proposed a corrosion mechanism involving 
three stages which depend on the solution reaching Cu2+ saturation. In subsequent papers, 
Turnbull et al.121 used much larger solution volumes (with low pH values, ranging from 0.5 – 
2), removing the effects of saturation, i.e. only studying their first stage when Cu0 oxidizes and 
dissolves as Cu2+.100 From these experiments, they determined that the rate of Cu0 corrosion in 
the first stage was independent of both the NO3
– concentration and the H+ concentration.106,121 
When using small water volumes, they determined the second stage of their proposed 
mechanism involves Cu2O precipitation and the third involves the coprecipitation of NO3
– with 
Cu2+ forming a layer on top of the Cu2O crystals already on the surface. The third stage 
indicates that, although NO3− participates in the oxidation of Cu
0 to some degree, a significant 
amount remains in solution to coprecipitate with Cu2+ later in corrosion.  
2.3.7 Copper Corrosion in the Presence of γ-Radiation 
Corrosion studies in the presence of radiation are limited. Those that exist do not report 
corrosion rates or report only radiation-induced rate, without the unirradiated corrosion rate 
for comparison. Thus, understanding the impact of radiation is difficult. It is not possible to 
find consistent mechanistic explanations for the effect of radiation on the corrosion process. 
Of the existing radiation-induced copper corrosion literature, results are conflicting. 
Even which species is the main oxidant for copper corrosion in the presence of radiation is 
contentious.70,122 The controversy lies in the unexplained observation that more copper 
dissolution occurs in solutions exposed to radiation compared to in chemical solutions 
containing the same molecular oxidants.72,123  The higher dissolution has been explained to be 
due to radiolytically-produced radical species, e.g. •OH, or, more recently, radiolytically 
produced O2.
72,122,123 Radiolytically-produced H2O2 has been shown to be a stable species that 
exists in solution long enough to react with the metal surface and is considered the main oxidant 
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for radiolytic copper corrosion.65,70,71,123-125 H2O2 oxidation (Eq. 2.23) is both kinetically and 
thermodynamically favoured over O2 reduction (Eq. 2.16).
126 
H2O2 + 2 H
+ + 2 e− ⇌ 2 H2O  E0 = 1.776 VSHE (2.23) 
A key difference between solutions containing radiolysis products and solutions in the 
presence of radiation is that the latter has species that are continuously produced opposed to a 
chemical solution of these species in which they are decomposing over time. Additionally, key 
radiolysis products, i.e. H2O2 and NO3−, can couple with both the oxidation of Cu
0 and Cu(I), 
and reduction of Cu(II) and Cu(I).100,127 However, the reduction of copper ions is only 
significant when their concentrations in solution are high, i.e., after long corrosion times. Only 
with their continuous production at all corrosion times (i.e., in the presence of radiation) can 
the short and long-term effects of radiolysis products be studied. 
The presence of radiation during corrosion can cause phenomena that are not otherwise 
observed. For example, Bessho et al.71 found the production of colloids and particulate copper 
species during copper vessel corrosion in the presence of γ-radiation. The species first formed 
at the copper/water interface then grew into the bulk solution and eventually dissociated from 
the surface after growing larger than 200 nm. While the authors speculated these species were 
copper oxides, no characterization was performed. Soroka et al.21 also found colloidal 
formation in the presence of γ-radiation and determined it was cuprous hydroxide. In their case, 
Cu2+ was reduced to colloidal CuOH then formed the more stable Cu2O. They reported the 
colloidal CuOH as a yellow precipitate, which is consistent with previous reports of hydrated 
Cu2O.
12,128 The formation of these colloids in the presence of γ-radiation is commonly 
exploited for synthesis of metallic and metal oxide nanoparticles.16,42,129,130 
Another phenomenon commonly seen during copper corrosion in the presence of 
radiation is patterns in the oxide layer; some examples are shown in Figure 2.12. These 
patterns are observed but their formation is not often discussed in depth.131,132 Despite no 
correlation between the patterns and the underlying metallic structure (such as grain size), the 
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patterns are often assumed to be associated with copper metal variances or a separation of 
cathodic and anodic sites on the metal.45,72  
 
Figure 2.12 Patterns formed in Cu2O film during radiation-induced corrosion. a,b
45 c132 d131 
2.4  PARTICLE RIPENING PHENOMENA 
2.4.1 Ostwald Ripening 
A two-phase system is thermodynamically unstable due to the large free energy 
associated with surfaces. Ostwald ripening is a thermodynamically driven crystal aging process 
that decreases the overall surface area of a system.133,134 The driving force is the difference in 
solubilities of different sizes of particles. That is, the constituents in smaller particles, with a 
high surface energy, will mostly desorb from the surface while the constituents of larger 
particles, with higher lattice energy, will mostly adsorb.135,136 Ostwald ripening is generally 
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described for a homogeneous mixture in which the movement of crystal constituents is random. 
However, the adsorption of constituents on large crystals creates a slight concentration gradient 
in the local solution causing the continual growth of large crystals while small crystals cease 
to exist.133 Small particles are kinetically favoured on short timescales, and the transformation 
of these particles into larger ones is thermodynamically favoured and will dominate after 
longer timescales.  
 
Figure 2.13 Schematic of the adsorption (ads) and desorption (des) processes on small and 
large particles and the effect of Ostwald ripening with increasing time.136 
2.4.2 Liesegang Band Formation via Ostwald Ripening 
In a closed system, the total mass of particles during crystal growth is conserved during 
Ostwald ripening. In a system in which the crystal constituent ions are continuously injected 
and transported through the system, the different adsorption-desorption isotherms from 
particles of different sizes and the transport of the ions can lead to growth and transport of 
bands of aggregated crystal particles, known as Liesegang rings or bands. Although the 
formation mechanism of Liesegang bands is not well established, the process is dependent on 
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the coupling of reaction and diffusion processes, which can only occur in a slow transport 
medium such as porous rock (e.g., malachite) or a gel.53,56,137-139  
Liesegang bands are typically monochromatic, alternating between precipitated salt 
and the absence of precipitation (where solution is unsaturated), schematically shown in 
Figure 2.14. Small crystals are continuously formed, due to the continuous injection of crystal 
constituents, and their aging via Ostwald ripening occurs in parallel. Large particles grow by 
absorbing the smaller particles around them, which leaves a volume void of crystals. The small 
particles that have formed further from the larger particles will undergo Ostwald ripening 
similar to the process of the first band.136,138,139  
 
Figure 2.14 Schematic representation of the formation of Liesegang banding patterns.136 
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CHAPTER 3. EXPERIMENTAL DETAILS 
 This chapter describes the principles of the experimental techniques used for the work 
presented in this thesis. Additional experimental details specific to each chapter are provided 
in those chapters. 
3.1 SAMPLE PREPARATION 
3.1.1  Materials and Solutions 
All experiments were performed with high purity copper (99.9% purity) coupons made 
from wrought copper samples (provided by SKB, the Swedish Nuclear Waste Management 
Company) with an exposed surface area of 0.785 cm2. The coupons were ground using silicon 
carbide papers (Buehler, Inc., Wooster, OH) with grit size 400, 800, and 1200 in succession, 
washing with pure water and drying with argon gas between each grit size and before starting 
each experiment. For experiments that used water volumes larger than 100 μL (i.e. Chapter 5 
and 8), the coupon was contained within a polyvinyl chloride (PVC) shrink tube (Techflex, 
Sparta, NJ); more details are given in the respective chapter.  
All solutions used in this study were prepared using water purified with a NANOpure 
Diamond UV ultra-pure water system (Barnstead International, Dubuque, IA) to give a 
resistivity of 18.2 MΩcm. Solutions were purged with compressed zero air (i.e., air with 0 
ppm CO2) (Praxair, Danbury, CT), 21% O2 (balance Ar) (Praxair, Danbury, CT), or ultra high 
purity Ar(g) (Praxair, Danbury, CT), as specified in each chapter, for 1 h.  
3.1.2  Exposure Procedure 
The coupons were placed in 20 mL vials and sealed with an aluminum crimp cap with 
a polytetrafluoroethylene (PTFE)-coated silicone septum (Thermo Fisher Scientific, Waltham, 
MA). The vials were purged with compressed zero air (Praxair, Danbury, CT), 21% O2 
(balance Ar) (Praxair, Danbury, CT), or ultra high purity Ar(g) (Praxair, Danbury, CT), as 
specified in each chapter, for 30 minutes. The solution was then placed on the copper surface 
through the septum using a syringe. Vials were irradiated using a MDS Nordion (Ottawa, ON) 
Gamma Cell 220 Excel 60Co irradiator, as described in the next section. A second set of 
experiments was performed under the same conditions but without irradiation, by leaving the 
vials on the benchtop.  
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3.1.3  Post-Test Analysis 
Individual vials were removed from the irradiation chamber at regular time intervals 
for aqueous and surface analysis. The solution was collected using a plastic Pasteur pipette, 
transferred to a 4 mL dram vial and the pH was measured using a ThermoScientific Orion 
9110DJWP Double Junction Micro-pH Electrode. The surface was washed with 5 mL of pure 
water, then the coupon was removed and dried with Ar. The two solutions were then combined 
for inductively coupled plasma optical emission spectroscopy (ICP-OES) analysis. The coupon 
was stored in a vacuum chamber until surface analysis was performed.  
Surface analysis consisted of high-resolution optical microscopy, scanning electron 
microscopy (SEM), focused-ion beam (FIB) milling, and Raman spectroscopy, all discussed 
in detail in this chapter. Optical microscopy was used because it provides information about 
thin hydroxide/oxide layers formed on the surface due to the strong absorbance of visible light 
by copper complexes. Additionally, optical images allow the whole coupon surface can be seen 
at once giving information about the average solid deposits across the surface at that time. 
SEM provides topographical information about the surface and FIB milling allows 
investigation of the metal-oxide interface. Characterization of the oxide surface was performed 
by Raman spectroscopy and energy dispersive X-ray spectroscopy (EDX). 
3.2 GAMMA CELL IRRADIATOR 
Radiation experiments were performed using a MDS Nordion (Ottawa, ON) Gamma 
Cell 220 Excel 60Co irradiator, shown in Figure 3.1a,b. The radiation source, 60Co, is contained 
in a cylindrical array of stainless steel “pencils” surrounded by a steel-encased lead shell. 
Samples are loaded into a motorized stage that vertically enters and exits the sample irradiation 
area. This is to permit safe loading of samples without exposure to the radiation source. 




Figure 3.1 a) Picture and b) schematic of 60Co gamma cell irradiator and c) custom-designed 
sample holder. 
Cobalt-60 has a half-life of 5.3 years, undergoing beta decay according to Eq. 3.1 
emitting two gamma photons with energies of 1.17 and 1.33 MeV. The beta particle (𝑒−) 
emitted has a maximum energy of 0.32 MeV, but cannot penetrate the stainless steel pencils to 
interact with samples in the gamma cell irradiator.1 
𝐶𝑜27
60 → 𝑁𝑖28
60 + 𝑒− + ?̅? + 2 𝛾 (3.1) 
Sample vials were placed in a custom-designed sample holder, shown in Figure 3.1c, 
to ensure that all samples received the same dose throughout the irradiation period. Over the 4 
years of experimentation performed in this thesis, the absorbed radiation dose rate in the 
irradiation chamber ranged from 2.1 − 1.4 kGy/h, where 1 Gy is equivalent to 1 J of energy 
absorbed per kg of water. The radiation dose used in these studies is approximately 1000× the 
dose rate expected in DGR conditions on the outside of the UFC.2  
3.3 SAMPLE ANALYSIS 
3.3.1 Optical Microscopy 
 Optical microscopy is used in this thesis because it provides information about thin 
hydroxide/oxide layers formed on the surface due to the strong reflectance of visible light by 
copper complexes. That is, the colour provides chemical information for the solid species on 
the surface, which is discussed in detail in Section 6.3.1. Additionally, optical images allow 
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for the whole coupon surface to be imaged simultaneously which allows spatial variations to 
be perceived.  
Optical microscopes use a series of lenses to focus on a sample illuminated by visible 
light and produce magnified images.3 A Leica (Wetzlar, Germany) DVM6A digital microscope 
was used to perform the analysis presented in this thesis. The objective lens (PlanAPO FOV 
12.55) with a 46× to 675× magnification has an integrated ring light and a coaxial LED 
illumination. The microscope has a digital camera, in place of an eyepiece, and thus the images 
produced are displayed on a computer monitor using the Leica LAS X Basic Functions 
software.  
3.3.2 Scanning Electron Microscopy  
Scanning electron microscopy (SEM) was used to analyze the morphology of the 
oxides formed during corrosion. In SEM (Figure 3.2a), a focused beam of high-energy 
electrons scans the surface of a sample, while the electrons interact with and decelerate within 
the sample. There are several detection modes, with the most common being the detection of 
secondary electrons (SE). SE are those resulting from the ionization of the material, and, with 
low incident electron energies, only SE from the top few nanometers of the sample will be 
detected. The number of SE (the intensity of the signal) is used to develop a morphological 
image of the surface.3,4 
Another common mode is detecting backscattered electrons (BSE), which are created 
through elastic interactions with the sample, and thus can escape from greater depths from 
within the sample compared to SE. The intensity of the BSE signal is proportional to atomic 
number of the sample and the resulting image yields information about distribution of elements 
within the sample. That is, materials with a higher atomic number will appear brighter than 
those with a lower atomic number.3-5 
SEM was performed at the Western Nanofabrication Facility using Zeiss (Oberkochen, 
Germany) LEO 1530 and 1540XB instruments. The latter is a dual beam field emission SEM 
and FIB, which was also used for the FIB milling (Section 3.3.3) and is fitted with an Oxford 
Instruments X-ray system for elemental mapping (Section 3.3.4). The electron high tension 
(EHT) or accelerating voltage used was 1 kV. 
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3.3.3 Focused Ion Beam Milling 
Focused ion beam (FIB) milling is a very precise cutting technique achieved using a 
gallium ion beam to sputter atoms at the surface of the sample. The sample stage is tilted to 
face the FIB column, as shown in Figure 3.2b, to ensure the ions are hitting the material 
perpendicular to the surface. The Ga+ beam has an accelerating voltage between 5 to 50 keV, 
chosen based on the desired amount of material to be removed, and has a precision of 5 nm.6  
FIB milling was used in this project to investigate the cross-section of the interface 
between the bulk copper and the surface. Information on the porosity and oxide thickness can 
be obtained with this method. Secondary electron SEM images of the FIB milled cross-section 
were obtained using the Zeiss LEO 1540XB FIB/SEM at the Western Nanofabrication Facility. 
 
Figure 3.2 Schematic of a) SEM7 and b) dual-beam FIB and SEM. 
3.3.4 Energy Dispersive X-Ray Spectroscopy 
Energy dispersive X-ray spectroscopy (EDX or EDS) is a chemical characterization 
technique, usually connected to an electron microscopy instrument, such as SEM. The sample 
is exposed to a high-voltage electron beam, which ejects an inner shell electron from the 
sample. The relaxation process involves a higher shell electron filling the electron hole, and 
this process releases characteristic X-rays. From these X-rays, the elements on the surface can 
be identified and their distribution mapped. Depending on the accelerating voltage of the 
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electron beam and the sample being investigated, X-rays escape from a depth of 1 − 2 μm.5 
Furthermore, more insulating samples can decelerate and deflect the incoming electron beam, 
decreasing the number of X-rays that come from that material.8 EDX analyses presented in this 
thesis were performed at the Western Nanofabrication Facility using Zeiss LEO 1540XB 
instrument fitted with an Oxford Instruments (Abingdon, UK) Si-PIN photodiode X-ray 
detector.  
3.3.5 Raman Spectroscopy 
Raman spectroscopy was used in this thesis to characterize the solid products formed 
during corrosion. It is an analytical technique used to determine the molecular vibrational 
modes of the sample and thus, often compared to infrared spectroscopy. However, Raman 
spectroscopy is favoured for samples exposed to aqueous solutions, as water is only weakly 
Raman active. A laser (most commonly visible light) is used to induce a change in 
polarizability of the electron cloud around a molecule. The incident photons can be elastically 
scattered, which is referred to as Rayleigh scattering (filtered out during Raman spectroscopy), 
or inelastically scattered, referred to as Raman scattering. The Raman scattering gives 
information about the sample’s vibrational modes and determined using the difference in 
energy between the incident photon and the scattered photon.4,9,10 
During Raman scattering, an electron is excited to a virtual electronic energy level 
corresponding to the energy of the incident photon (𝜈0). The final state of the excited electron 
is in the same electronic energy level but different vibrational energy level. Illustrated in 
Figure 3.3, when the final state is higher in energy than the initial one, it is called “Stokes 
Raman scattering”, while in “anti-Stokes Raman scattering” the final state is lower in energy 
than the initial one. The scattered photon is either lower (Stokes) or higher (anti-Stokes) in 
energy compared to the incident photon, and this change in energy is referred to as the Raman 
shift. The Stokes Raman shift is more probable and thus commonly measured in Raman 
spectroscopy.4,9,10 




Figure 3.3 Illustration of Rayleigh scattering (elastic), Stokes and anti-Stokes Raman 
scattering (inelastic) that occurs during Raman spectroscopy. Adapted from N. John and S. 
George.10 
The Raman spectrum yields a vibrational fingerprint which is characteristic of the 
molecule. The intensity of the Raman peaks in a spectrum are proportional to induced change 
in polarizability of the bond, which is equally as characteristic of molecules as the Raman shift. 
Thus, the Raman shift and relative intensity of the peaks in the Raman spectrum should be 
analyzed to accurately determine the molecules present in an unknown sample. The Raman 
shift is usually presented in inverse wavelength (1/λ) units called wavenumbers (cm-1). A 
Renishaw (Wotton-under-Edge, UK) InVia Reflex Model 2000 Raman spectrometer with a 
holographic notch filter and 1800 l/mm grating was used to perform the experiments presented 
in this thesis. It is equipped with a MellesGriot (Carlsbad, CA) 35 mW HeNe laser with a 
wavelength of 633 nm and was used at 10 % power to ensure minimal surface degradation. 
The spot size was approximately 1 μm with a penetration depth of 2 – 3 μm, and all spectra 
were calibrated against the 521 cm-1 peak of silicon. Thermo Scientific (Walthan, MA) 
GRAMS 386 Raman software was used to collect and manipulate the spectra. This analysis 
was performed at Surface Science Western. 
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3.4 SOLUTION ANALYSIS 
3.4.1 Micro-pH Electrode 
The pH of solutions was measured before and after each experiment using a Thermo 
Scientific (Waltham, MA) Orion 9110DJWP Double Junction Micro-pH Electrode designed 
for small solution volumes with a  ± 0.02 pH accuracy. The difference in potential between the 
pH electrode, which is inserted into the sample solution, and the reference electrode is 
measured then converted into pH (i.e., the hydrogen ion activity) using the Nernst equation. 
The pH meter was calibrated daily using a 2-point calibration curve using buffer solutions of 
2.0, 4.0, 7.0, and 10.0, depending on the sample pH.  
3.4.2 Inductively Coupled Plasma Optical Emission Spectroscopy 
Inductively coupled plasma optical emission spectroscopy (ICP-OES) was used in the 
work presented in this thesis to quantify the amount of dissolved copper present in solution. 
An inductively coupled plasma torch (Figure 3.4b) is employed, which is composed of Ar 
plasma formed from an intense oscillating electromagnetic field in a Tesla coil. The liquid 
sample (aqueous in this thesis) is introduced directly into the plasma through a nebulizer 
(creating a mist, Figure 3.4b). The ions and electrons in the plasma decompose the sample 
into atoms which ionize and recombine several times within the plasma. During recombination, 
ions release photons with a characteristic wavelength. The intensity of the signal at a particular 
wavelength is proportional to the concentration of the corresponding element. The 
concentration of the sample is determined using a calibration curve obtained using samples of 
known concentrations.4,11 




Figure 3.4 a) ICP-OES instrument and b) a schematic of the sample injection method and 
plasma torch.12 
In this work the test solutions were analyzed using a PerkinElmer (Waltham, MA) Avio 
200 ICP-OES (Figure 3.4a) with a Scott/Cross flow nebulizer and a charge-coupled device 
(CCD) detector. Particles in solution were digested using 2 % nitric acid (Sigma Aldrich, St. 
Louis, MO) prior to analysis. The detection limit for copper ions using this method is 6.3 pM 
at a wavelength of 327.4 nm. The four-point calibration curves used CuSO4 (Sigma Aldrich, 
St. Louis, MO) standards at low (0.001 – 0.020 mM) or high (0.020 – 5.00 mM) concentrations, 
depending on the test solution, shown in Figure 3.5. The relative standard deviation on all 
measured concentrations was < 5 %, indicating a high precision.  
 
Figure 3.5 ICP-OES calibration curves for a) low (0.001 − 0.020 mM) and b) high (0.020 − 
5.00 mM) Cu2+ standards. 
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3.4.3 Ultraviolet-Visible Spectrophotometry 
Ultraviolet-visible (UV-Vis) spectroscopy was used in this thesis to quantify the 
concentration of H2O2 in the test solutions. In this technique, the sample solution is exposed to 
a wide range of light ranging from UV (190 – 380 nm) to visible (380 – 750 nm). Molecules 
in the solution can be electronically excited by a particular wavelength of light that corresponds 
to the energy difference of the transition. The absorption of this light lowers the intensity at 
that wavelength, which is detected by a diode array detector on the opposite side of the sample. 
The ratio of the incident light intensity (𝐼0) to the transmitted light intensity (𝐼) is called the 
absorbance. The absorbance (𝐴) at a particular wavelength is used to calculate the 
concentration (𝑐 in M) of the corresponding molecule through the Beer-Lambert law (Eq. 3.2), 
where 𝜀 is the molar extinction coefficient (M-1 cm-1) and 𝑙 is the path length through the 
sample (cm).4 
 𝐴 = 𝑙𝑜𝑔
𝐼0
𝐼
=  𝜀 ∙ 𝑐 ∙ 𝑙  (3.2) 
The UV-Vis spectroscopy tests done in this thesis were performed using a diode array 
spectrophotometer (BioLogic Science Instruments, Seyssinet-Pariset, France). Determination 
of the H2O2 concentration was performed using the Ghormley triiodide method.
13 In this 
method, I− is oxidized to I3
− by H2O2 in the presence of a molybdate catalyst and excess I
−. The 
absorbance of I3
− is measured spectrophotometrically at 352 nm with a molar extinction 
coefficient of 25,500 M-1 cm-1. The H2O2 concentration is then determined by the stoichiometry 
of the reaction between I3
- and H2O2 (Eq. 3.3). 
3 I− + H2O2 + 2 H
+ → I3− + 2 H2O (3.3) 
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CHAPTER 4: EVOLUTION OF THE [CuII(sol’n)]-pH RELATIONSHIP 
4.1  INTRODUCTION 
Corrosion is the process of metal loss, which can involve many chemical reactions 
including interfacial charge and mass transfer processes. Copper corrosion occurs through the 
oxidation of the solid metal (Cu0(m)) to soluble metal cation (Cu
2+), coupled with the reduction 
of oxidant (e.g., O2 to OH−), at the metal-solution interface (z = 0, where z is the distance from 
the metal surface) (Eq. 4.1) and the transport of species between the interface (z = 0) and the 
bulk solution (z = δdiff) (Eq. 4.2). 
Interfacial charge and mass transfer reactions at z = 0: 
Ox. half-reaction: Cu0(m) ⇄ Cu2+ + 2 e−  (4.1a) 
Red. half-reaction:  O2 + 2 H2O + 4 e− ⇄ 4 OH− (4.1b) 
Overall reaction:  2 Cu0(m) + O2 + 2 H2O ⇄ 2 Cu2+ + 4 OH− (4.1c) 
The subscript (m) represents the metal phase, and the species without phase designations are 
all solvated species. The electrochemical potential of the corroding system in Eq. 4.1 changes 
throughout the corrosion process due to a changing concentration of Cu2+ in the solution 
adjacent to the metal surface. If the metal cation concentration in the interfacial solution is 
known, the electrochemical potential of the system at a given time may be calculated based on 
the standard electrode potentials reported in Chapter 2 using the Nernst equation. 
Transport of reactants and products through the diffusion layer (0 < z < δdiff): 
Cu2+|z = 0 ⇝ Cu2+|z = δdiff (4.2a) 
O2|z = δdiff ⇝ O2|z = 0 (4.2b) 
OH−|z = 0 ⇝ OH−|z = δdiff (4.2c) 
where δdiff is the diffusion length. The solution from z = 0 to z = δdiff will be referred to as the 
interfacial solution. The bulk solution phase begins where the redox species (O2, OH− and 
Cu2+) can be treated as homogeneously distributed, i.e., the bulk solution begins at z = δdiff.  
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 Because the overall process of corrosion involves interfacial electron and mass transfer 
reactions and mass transport through the solution phase, the rate of corrosion depends strongly 
on the redox and transport conditions of the solution in contact with the metal.  
Unlike an electrochemical process on an inert electrode, corrosion involves interfacial 
transfer of metal atoms as well as electrons. Metal cations are continuously produced at the 
metal-solution interface, followed by their mass transport into the bulk solution. Although 
there are two possible dissolved ion species that can be produced from copper oxidation at 
room temperature, the cupric ion (Cu2+) is more stable than the cuprous ion (Cu+) in water at 
pH < 9.0.1 If cupric ions are able to accumulate in solution (e.g., in stagnant solutions, small 
volumes), their solution reactions and transport processes can become increasingly important 
with time and establish cyclic feedback loops with preceding processes (including charge 
transfer at the metal surface). The solution reactions and transport processes of metal cations 
are significantly affected by solution parameters, including pH, ionic strength, temperature, 
and the presence of anions. 
Recent studies on transition metal corrosion,2-7 including the studies presented in this 
thesis, have demonstrated that the diffusion and hydrolysis of metal cations can have a 
significant effect on the corrosion evolution. These solution reactions can lead to precipitation 
of solid metal hydroxide, initially as nano-sized colloid particles which aggregate and grow 
into a hydrogel network. The metal hydroxide colloid precursor precipitates out of the solution 
phase as a solid phase (hydrogel network) when the concentration of the metal cation exceeds 
the solubility of the metal hydroxide salt (i.e., the solution must first be supersaturated with 
metal cations before the metal hydroxide hydrogel can precipitate). The hydrogel network 
consists of a semi-stationary phase made of loosely connected colloids with pores through 
which aqueous solution and dissolved species can diffuse.4,5,8 Once a layer of hydrogel covers 
a corroding metal surface, it can have a significant effect on the overall transport of metal 
cations from the metal surface where they are produced to the bulk solution. This slower metal 
cation transport can also promote redox reactions between the metal cation and the metal. Thus, 
once a hydrogel layer begins to cover the surface, the overall metal oxidation (or metal loss) 
rate can change significantly. 
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In solution, transition metal cations are present in more than one chemical form due to 
the hydrolysis equilibrium9:  
Cu2+ + 2 OH− ⇌ Cu(OH)+ + OH− ⇌ Cu(OH)2(solv) + H2O ⇌ Cu(OH)3− + H+ (4.3) 
where all of the cupric species are solvated species, but the phase designation using subscript 
(solv) is given only to the neutral species Cu(OH)2 to distinguish it from its solid form. The 
hydrolysis equilibrium, being an acid-base equilibrium, is established very quickly. Hence, 
once in solution, the dissolved cupric ion exists in various chemical forms and all the 
hydrolyzed species will be henceforth collectively referred to as Cu2+(sol’n). 
Cu2+(sol’n) ≡ Cu
2+ + Cu(OH)+ + Cu(OH)2(solv) + Cu(OH)3− (4.4) 
The relative amounts of the different chemical forms of Cu2+(sol’n) are determined by the 
pKa values of the hydrolysis equilibria (Eq. 4.3) and hence, are a function of the total dissolved 
cupric ion concentration ([Cu2+(sol’n)]) and [OH−]. However, due to the many hydrolysis 
products, the solubility (the solid-product equilibrium constant, Ksp) of transition metals does 
not have a simple 2nd order dependence on [OH−] over the entire pH range. Nevertheless, the 
solubility of transition metal hydroxides as a function of pH at ambient temperatures has been 
well studied.9 The solubility of cupric and cuprous ions at room temperature is shown in Figure 
4.1.  
 
Figure 4.1 Solubility of cuprous ions (Cu+(sol’n)) and cupric ions (Cu
2+
(sol’n)) in water at 25 ºC. 
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When the total dissolved cupric ion concentration exceeds its saturation limit, the 
solubility of Cu(OH)2(solid), it can begin to precipitate: 
Cu2+(sol’n) + x OH− →→ Cu(OH)2(colloid) →→ Cu(OH)2(hydrogel) (4.5) 
Whether or not a metal hydroxide hydrogel layer can be formed on the metal surface therefore 
depends on whether the Cu2+(sol’n) formed by the corrosion reactions can accumulate to its 
saturation limit in the interfacial solution. Whether the saturation limit can be reached or not, 
in turn, depends on the net production of Cu2+(sol’n) (via interfacial charge transfer at the 
interface followed by its transport into the bulk solution) and the pH in the interfacial solution.    
In this chapter we investigated the corrosion dynamics of copper during the early times 
in each set of solution conditions studied in this thesis. In early corrosion times, copper is 
oxidized to form mainly dissolved cupric ions, and this period will be referred to as Stage 1 
throughout this thesis. The subsequent stage involves the formation of metal hydroxide 
hydrogel and will be referred to as Stage 2 throughout this thesis. Because the overall corrosion 
process also consumes H+ (or produces OH−), the copper corrosion dynamics in stagnant small 
volume solutions were studied by analyzing the time-dependent behaviours of [H+] as well as 
dissolved metal concentration [CuII(sol’n)]. By studying the corrosion behaviours common in 
each set of solution conditions, we can establish the time dependences of [H+] and [Cu2+(sol’n)] 
as a function of initial pH0 and solution redox environment, from which we can determine the 
elementary rate-determining steps involved in corrosion in Stages 1 and 2. We are also 
interested in determining whether the relationship of [CuII(sol’n)] versus [H
+] evolves with time 
and, if so, does it follow that of the metal cation solubility versus [H+]. These results can then 
help to determine whether copper corrosion evolves beyond Stage 1 to hydrogel production 
and beyond in each studied set of solution conditions, and whether detailed corrosion dynamic 
modeling past Stage 2 is necessary for prediction of the long-term corrosion behaviour.  
4.2 EXPERIMENTAL 
4.2.1 Materials and Solutions 
All experiments were performed with high purity copper (99.9% purity) coupons made 
from wrought copper samples (provided by SKB, the Swedish Nuclear Waste Management 
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Company) with an exposed surface area of 0.785 cm2. The top surface of the copper coupons 
was ground using silicon carbide papers with grit size 400, 800, and 1200 in succession. The 
coupons were then washed with deionized water, dried under flowing Ar(g), and placed in a 20 
mL vial sealed with an aluminum crimp cap with a polytetrafluoroethylene (PTFE)-coated 
silicone septum (Thermo Fisher Scientific, Waltham, MA). More information on this 
procedure is provided in Section 3.1. All solutions used in this study were prepared using water 
purified with a NANOpure Diamond UV ultra-pure water system (Barnstead International, 
Dubuque, IA) to give a resistivity of 18.2 MΩcm.  
A range of different experimental conditions are explored in this chapter, drawn from 
the other chapters of this thesis. The experimental details for each chapter are summarized in 
Table 4.1. 
Table 4.1 Summary of experimental conditions for each chapter. 
 Chapter 5 Chapter 6 Chapter 7 Chapter 8 
Initial pH 4, 7 7 7 
9 (droplet) 
7 (volumes) 
Cover gas Aerated CO2-free Variable 
Variable 
Aerated 









2 0.1 droplet 0.1 droplet 
0.1 droplet (pH 9) 
0.5 – 2 (pH 7) 
 
4.2.2 Post-Test Analyses 
Experiments were terminated by removing the solution from the coupon surface using 
a Pasteur pipette. The pH of this solution was determined using a Thermo Scientific Orion 
9110DJWP Double Junction Micro-pH Electrode with a ± 0.02 pH accuracy. The solution was 
then diluted so the dissolved copper concentration could be quantified using inductively 
coupled plasma optical emission spectroscopy (ICP-OES) (PerkinElmer Avio 200 ICP-OES) 
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with < 5 % relative standard deviation. More information on the procedure for solution analysis 
can be found in Section 3.4. The instrumental uncertainty is negligible compared to the 
individual data points and to the variation due to corrosion processes (explained in detail in 
Chapter 6) and thus, instrumental errors bars on plots are omitted. 
4.3  RESULTS AND DISCUSSION 
4.3.1 Time-Dependent Changes in [CuII(sol’n)] and pH 
Corrosion occurs through many different elementary steps and the step(s) that 
determines the overall rate (the rate determining step, RDS) can change with time. Initially, 
the metal oxidation half-reaction to form the soluble cupric ion is coupled with the reduction 
of dissolved oxidant (e.g., O2 or H2O2) to form OH−. 
Cu0(m) + ½ O2 + H2O ⇄ Cu2+ + 2 OH− z = 0 (4.6a) 
Cu0(m) + H2O2 ⇄ Cu2+ + 2 OH− z = 0  (4.6b) 
The full redox reactions may be reversible, as suggested by the “⇄” arrows, but they are not 
necessarily at equilibrium.  
After their formation at the metal surface, the products of Eq. 4.6 (i.e., Cu2+ and OH−) 
diffuse through the interfacial solution (Eq. 4.2). While diffusing away, cupric ions remain in 
hydrolysis equilibria (Eq. 4.3), and the main form of the cupric ions thus changes not only with 
corrosion time (t), but also distance from the metal surface (z). The concentrations of the initial 
corrosion products, [Cu2+(sol’n)] and [OH−], will be higher at z = 0 where they are produced than 
in the bulk solution. Along their diffusion path (i.e., in the interfacial solution), the relative 
concentrations of Cu2+(sol’n) and OH− can vary and therefore the main chemical form of 
Cu2+(sol’n) will also vary with z in the interfacial solution. OH− will also participate in any other 
acid-base or hydrolysis equilibria that exist in solution, e.g., the CO2/HCO3− acid-base 
equilibrium. 
Experimentally, [H+]t is determined from pHt (−log[H
+]t). The dissolved species 
concentrations, i.e., [CuII(sol’n)]t and [OH−]t/[H
+]t, that are experimentally determined, are the z-
  Chapter 4 
70 
 
averaged values over the thickness of the solution layer (dsol), and therefore the exact 




∙ ∫ ([H+]𝑧,𝑡 ∙ 𝑑𝑧)
𝑑𝑠𝑜𝑙
𝑧=0




∙ ∫ ([CuII(sol'n)]𝑧,𝑡 ∙ 𝑑𝑧)
𝑑𝑠𝑜𝑙
𝑧=0
   (4.7b) 
The measured z-averaged cupric ion concentration is referred to as [CuII(sol’n)] and can also 
include dispersed solid colloidal particles, as discussed later. 
The initial concentration of H+ ([H+]0) can impact the corrosion progression because it 
affects the position of the cupric ion hydrolysis equilibria in Stage 1. For example, in previous 
studies it was shown that when the initial bulk pH (pH0) is low (≤ 2.0), [OH−]t produced via 
Eq. 4.6 is much lower than [H+]0 at z = 0 and therefore, pHt is not significantly affected. 
Because pHt remains low, the hydrolysis equilibrium results in the formation of mainly 
unhydrolyzed Cu2+ at z = 0.4 In fact, because [H+]0 is high at all z, the net production of OH− 
(via Eqs. 4.3 and 4.6) will not significantly affect [H+]t at any z for a very long time and the 





+]0 at any z and t when pH0 ≤ 2.0 (4.8) 
where [H+]t represents the increase in proton concentration over duration t.  Thus, for a low 
pH0, the pHt of the solution is not affected as corrosion progresses and remains close to pH0 
for a long time.  
The solubility of Cu(OH)2(solid) is high at low pH values (Figure 4.1). Thus, in solutions 
with pH0 ≤ 2.0, [Cu
2+
(sol’n)]t remains far from the Cu(OH)2 solubility limit and no precipitation 
of cupric ions occurs at any z for a very long time (and precipitation may never occur at low 
pH0 under high convection conditions). Hence, metal cations that are transferred into solution 




2+]t in Stage 1 for pH0 ≤ 2.0  (4.9) 
In solutions initially free of copper ions, the amount of Cu2+(sol’n) produced in solution is equal 
to its increase (Δ[Cu2+(sol’n)]t): 










Mass and charge conservation further dictate that the decrease in the z-averaged [H+]t (−Δ[H+]t) 
would be twice the increase in Δ[CuII(sol’n)]t:  
Δ[CuII(sol’n)]t ≈ − 2 Δ[H
+]t  in Stage 1 for pH0 ≤ 2.0 (4.11) 
while Δ[H+]t remains negligible compared to [H
+]0 when pH0 ≤ 2.0 in stagnant small volume 
solutions (Eq. 4.8). 
At higher pH0, the time-dependent behaviours of [H
+]/[OH−] and [Cu
II
(sol’n)] in Stage 1 
deviate from those expected at very acidic pH0 (≤ 2.0). However, during a naturally corroding 
process, [CuII(sol’n)] and [OH−] do not change independent from each other. More details on the 
corrosion progression with time (the corrosion mechanism) for each set of solution conditions 
will be presented in the subsequent chapters.  
4.3.2 Effects of Acidic and Neutral pH Solutions without Radiation 
In Chapter 5, the individual effects of key radiolysis products (H2O2, NO3−, and H
+) 
on Stages 1 and 2 were investigated. The time-dependent behaviours of [CuII(sol’n)] and pH are 
shown in Figures 4.2 and 4.3, grouped by pH0. The oxidant was either O2 (pure water) or H2O2 
(0.1 mM and 10 mM) with a solution volume of 2.0 mL (solution depth of 2.50 cm).  
The time-dependent behaviours of pH and [CuII(sol’n)] in solutions with pH0 = 4.0 
(Figure 4.2) show a quick initial increase followed by a plateau at a maximum value. The 
plateau of [CuII(sol’n)] ([Cu
II
(sol’n)]max) is indicated by the red dotted line in Figure 4.2 at 0.12 ± 
0.05 mM (log([CuII(sol’n)]) = − 3.9), which also corresponds to the initial proton concentration 
value (pH0 = 4.0, [H
+] = 0.10 mM) (Eq. 4.12).  
[CuII(sol’n)]max ≈ [H
+]0 for pH0 = 4.0 (4.12)  
This equivalence is maintained for both solutions, despite two orders of magnitude difference 
in the concentration of initial oxidant (0.1 mM compared to 10 mM H2O2). The final pH value 
(‘pHf’) was 5.8 ± 0.2 (blue dotted line in Figure 4.1), which is the pH at which the maximum 
copper concentration is at its saturation capacity, as discussed in detail below.  




Figure 4.2 Time-dependent behaviour of [CuII(sol’n)] and pH (upper row) and the 
log([CuII(sol’n)])-pH relationship (bottom row) in 2.0 mL solutions of H2O2 with pH0 = 4.0 
without radiation. The red dotted line indicates [CuII(sol’n)]max and the blue dotted line indicates 
pHf. 
The increase in [CuII(sol’n)]t and pHt with time is a result of metal oxidation coupled with 
oxidant (in this case, H2O2) reduction, which occur at the metal surface (z = 0) (Eq. 4.6b). In 
solutions with pH0 = 4.0, pH increased with t (Figure 4.2), indicating that the amount of OH− 
produced via Eq. 4.3b was non-negligible compared to [H+]0, and [H
+]t was lower than [H
+]0: 
[H+]t < [H
+]0  for pH0 = 4.0 (4.13) 
The initial increase in pHt was observed when t < 14 h (Figure 4.2), which is referred to as 
Stage 1.  
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In Stage 1, the time-dependent increase in [CuII(sol’n)] (Figure 4.2) was approximately 
equal to the decrease in [H+]t (or increase in [OH−]t). 
Δ[CuII(sol’n)]t ≈ − Δ[H
+]t in Stage 1 for pH0 = 4.0 (4.14) 
The lower [H+]0 and decreasing [H
+]t with time result in the hydrolysis equilibrium (Eq. 4.3) 
shifting to the right. The same rates of increase in [CuII(sol’n)]t and decrease in [H
+]t indicate that 
the z-averaged chemical form of Cu2+(sol’n) is initially Cu(OH)
+ rather than Cu2+. 
As OH− and Cu2+(sol’n) are produced and accumulate at z = 0, the hydrolysis equilibrium 
shifts further to the right and Cu(OH)2(solv) begins to form. Once the solubility limit is exceeded, 
Cu(OH)2 precipitates  as a solid species. Previous studies have shown that precipitation of 
Cu(OH)2 will initially be as colloid particles (Cu(OH)2(colloid)) that remain dispersed in the 
solution where they were produced.1,10 The dispersed colloid particles contribute to [CuII(sol’n)] 
and the measured copper concentration continues to increase with corrosion time as these 
colloids precipitate. The colloid particles have a negligible effect on the initial redox reaction 
(Eq. 4.6) and cupric ion hydrolysis equilibrium (Eq. 4.3). However, the shift in hydrolysis 
equilibrium means the consumption of [H+]t is no longer equal to the production of [Cu
2+
(sol’n)]t 
and the measured pHt increase slows.  
As cupric ion species diffuse from the surface into the bulk solution, the saturated 
volume adjacent to the metal surface expands. As the colloid density increases within the 
saturated volume, the frequency of collision between the colloid particles increases. When the 
colloid particles collide, they aggregate into a hydrogel and can precipitate onto the surface. 
The hydrogel contains a solid network of Cu(OH)2 colloid particles and a mobile phase of 
Cu2+-saturated solution, and is discussed in more depth later.4,5 The precipitation of the 
Cu(OH)2 hydrogel layer marks the start of Stage 2. Because saturation is a requirement for the 
start of Stage 2, it is seldom observed in solutions with pH0 ≤ 2.0 or in flowing solutions, as 
discussed in the previous section. 
Previous studies4 have found that the precipitation of the Cu(OH)2 hydrogel on the 
metal surface limits the transport of cupric ions, but not OH−, H+, or H2O through the interfacial 
solution, which is discussed in depth in Chapter 6. Thus, due to the growth of the hydrogel 
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layer at the metal surface, the increase in [CuII(sol’n)] slows substantially, but [OH−] continues 
to increase even after long times, i.e., when t ≥ 14 h (Figure 4.2). 
The log([CuII(sol’n)])-pH relationship for pH0 = 4.0 shows an increase in [Cu
II
(sol’n)] with 
pH, until [CuII(sol’n)]max (red dotted line in Figure 4.2) is reached. After [Cu
II
(sol’n)] reached its 
maximum value (dictated by the value of [H+]0, Eq. 4.12), [OH−]t increased to satisfy the 
Cu(OH)2 solubility equilibrium because Cu
2+
(sol’n) diffusion through the hydrogel network is 
slow. The production of OH− continued until the dissolved cupric ions (which include all 
hydrolysis products) were in quasi-equilibrium with the solid Cu(OH)2 at the interfacial 
solution. 
Cu2+(sol’n) + x OH
– ⇌ Cu(OH)2(solid)  (4.15) 
Once the solubility limit was reached, neither [CuII(sol’n)] nor pH changed substantially. This 
shows that the final values of [CuII(sol’n)] and [H
+] are controlled by the Cu(OH)2 solubility 
equilibrium. However, the exact values of [CuII(sol’n)] and [H
+] at the solubility equilibrium 
are based on the initial conditions and how the corrosion system evolves. In pH0 = 4.0 
solutions, [CuII(sol’n)]max is dictated by pH0 (Eq. 4.12) and pHf is dictated by [Cu
II
(sol’n)]max 
reaching its saturation capacity (i.e., the pHf is controlled by the hydrolysis equilibrium of 
Cu(OH)2, which acts as an acid-base buffer).  
The time-dependent behaviours of [CuII(sol’n)] and pH in solutions with a pH0 near 
neutral (7.0) are shown in Figure 4.3. [CuII(sol’n)]max is indicated by the red dotted line at 0.03 
± 0.01 mM (log([CuII(sol’n)]) = − 4.6), which does not correspond to [H
+]0 as it did in solutions 
with pH0 = 4.0 (Eq. 4.12). However, as observed previously, pHf (indicated by the blue dotted 
line) corresponds to the pH at which [CuII(sol’n)]max was at saturation. 
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In near neutral solutions, a small addition of OH− or H+ can drastically change the pH 
as the solution is near the equivalence point of H2O (7.0). Hence, the production of a small 
amount of OH− via Eq. 4.6 can significantly change the [OH−] at z = 0 in a short period of time 
(shorter than a millisecond timescale for most solution reactions). The fast and substantial 
increase in [OH−]t at z = 0 pushes the hydrolysis equilibrium (Eq. 4.3) to the far right, to form 
Cu(OH)3−. Due to the fast rate of cupric ion hydrolysis, the overall redox reaction at z = 0 that 
occurs through the interfacial mass transfer (Eq. 4.6) followed by the fast hydrolysis to 
Cu(OH)3−, can be considered as a single elementary step.  
Cu0(m) + H2O2 + H2O → Cu(OH)3− + H
+    in Stage 1a for 6.0 ≤ pH0 ≤ 9.0 (4.16) 
Hence, the initial overall process can be considered to occur via Eq. 4.16 and transport of 
Cu(OH)3− and H
+ from z = 0 to z = δdiff is taking place. Hence, the z-averaged chemical form 
of Cu2+(sol’n) in solutions with near neutral pH0 is initially Cu(OH)3− rather than Cu
2+ or 
Cu(OH)+.  
[CuII(sol’n)]t ≈ [Cu(OH)3−]t in Stage 1a for 6.0 ≤ pH0 ≤ 9.0 (4.17) 
Because of the low [H+]0 when pH0 is neutral, the concentration of H
+ produced via Eq. 4.16 
is more than initially present in solution: 
[H+]t > [H
+]0  in Stage 1a for 6.0 ≤ pH0 ≤ 9.0 (4.18) 
The increase in [H+]t at initial times results in the decrease in pHt, observed when t = 16 h in 
Figure 4.2, when the measured pH was below 7.0 (4.6 − 5.8). At the same time, the formation 
of Cu(OH)3− results in an increase in [Cu
II
(sol’n)]t, which should be the same as the increase in 
[H+]t. 
Δ[CuII(sol’n)]t ≈ Δ[H
+]t in Stage 1a for 6.0 ≤ pH0 ≤ 9.0 (4.19) 
This equivalence was observed in solutions with no other established acid-base equilibria, such 
as the carbonate acid-base equilibria, i.e., in CO2-free solutions as discussed in Chapter 6. 
However, in solutions saturated with normal air containing CO2 (such as those used for Figure 
4.3), the change in [H+]t is influenced by the bicarbonate buffering system. In this case, Δ[H
+]t 
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is not determined by only the redox reaction (Eq. 4.16) and hence, no simple relationship of 
Δ[H+]t versus Δ[Cu
II
(sol’n)]t can be determined. The time during which the main cupric ion form 
is Cu(OH)3− and pH is decreasing with time is referred to as Stage 1a. The studies presented in 
this thesis indicate that the observations described for Stage 1a are consistent for pH0 values 
between 6.0 and 9.0 in small solution volumes. 
As Cu(OH)3− and H
+ diffuse from the metal surface into the bulk solution, [H+] at any 
z increases with time. The increase in [H+]t causes the cupric ion hydrolysis equilibrium (Eq. 
4.2) to shift more and more to the left with time in Stage 1b.  
Cu(OH)3− + H
+ → Cu(OH)2(solv) + H2O → Cu(OH)
+ + OH−       
 in Stage 1b for 6.0 ≤ pH0 ≤ 9.0 (4.20)
 
As a result, the z-averaged chemical form shifts from Cu(OH)3− to Cu(OH)2(solv) and then to 
Cu(OH)+, which consumes H+. That is, the change in [H+] and [Cu2+(sol’n)] with corrosion time 
are not independent of each other. In Stage 1a, pH initially decreases, but after reaching a 
minimum near 16 h, it increases with time.  
With the bicarbonate buffering system present in naturally aerated conditions (saturated 
with CO2), the increase in [OH−]t cannot be correlated to the increase in [Cu
II
(sol’n)], as discussed 
above. The final pH value in the pH0 = 7.0 solutions presented in Figure 4.3 was 6.3 ± 0.1, 
corresponding to the pKa of HCO3−.  
Previous studies,2,4 and the studies presented in this section indicate that regardless of 
pH0, the elementary steps to consider in determining the overall corrosion rate in Stage 1 (both 
Stage 1a and Stage 1b for near neutral solutions) include the initial redox reaction (Eq. 4.6), 
the diffusion of products through the interfacial solution (Eq. 4.2), and the cupric ion 
hydrolysis equilibria (Eq. 4.3). In Stage 1, when metal oxidation produces mainly dissolved 
(and dispersed) metal species, the overall rate of metal loss (corrosion) should be the same as 

















  (4.21) 
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where 𝑐𝑜𝑟𝑟−𝑠𝑡1 represents the corrosion rate per unit surface area in Stage 1, 𝑚𝐶𝑢 represents 
the mass of the metal at time 𝑡, ∫ ([Cu2+(sol'n)]
𝑧,𝑡
∙ 𝑑𝑧) represents the z-averaged [Cu2+(sol’n)] 
at time 𝑡, and 𝐴𝑖𝑛𝑡 and 𝑉𝑠𝑜𝑙 represent the interfacial surface area and solution volume, 
respectively. The overall corrosion rate in Stage 1 can then be determined from the observed 
time dependence of [CuII(sol’n)]t, i.e., the metal dissolution rate (𝑑𝑖𝑠𝑠): 








  (4.22) 
The equivalences in Eqs. 4.21 and 4.22 arise from the most fundamental chemical rate law that 
mass and charge must be conserved during a natural process. These equations do not tell the 
dependences of 𝑐𝑜𝑟𝑟−𝑠𝑡1 on solution conditions, such as [Ox] and pH.  
Because corrosion involves metal oxidation coupled with oxidant reduction, the  
𝑐𝑜𝑟𝑟−𝑠𝑡1 in air-saturated solutions may depend on [O2]t and [OH
−]t. As these species are 
consumed or produced by corrosion reactions, their concentrations will change as corrosion 
progresses. However, if the changes are small compared to their initial concentrations, it is 
reasonable to approximate their concentrations at a given time as being the same as [O2]0 and 
[OH−]0. This is indeed the case for [O2]t ( [O2]0) in air-saturated droplet solutions with the 
headspace filled with air (see further discussion in Chapter 7). However, as is shown in this 
chapter, it is not the case for [OH−]t (or [H
+]t) when pH0 > 2.0 in stagnant, small volume 
solutions, because [OH−]t is determined not only by the initial redox reactions (Eq. 4.6) but 
also the cupric ion hydrolysis equilibria (Eq. 4.2) and any other pH-controlling acid-base 
equilibrium reactions that exist in solution.  
Thus, if the corrosion rate was directly dependent on [OH−]t, the corrosion rate (and 
thus the copper dissolution rate) would change with time. Instead, [CuII(sol’n)] is constant with 
time in Stage 1 for all studied pH0, despite large pHt changes. Furthermore, the time-dependent 
pH behaviour changes with pH0, but this change is not due to different elementary steps (i.e. 
change in corrosion mechanism) or due to an increase in the rate of corrosion with increasing 
[H+]t. Instead, the observed effects of pH0 on the corrosion behaviour arise because the OH− 
produced (or H+ consumed) during corrosion reactions induces a different change in [H+]t 
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depending on [H+]0 and accordingly, shifts the cupric ion hydrolysis equilibria. The different 
time-dependent behaviour of pHt and [Cu
II
(sol’n)]t results in different final thermodynamic states 
based on pH0, as discussed further at the end of this section. 
The overall rate equation for metal loss in Stage 1 based on solution parameters can be 
constructed based on classical (electro-) chemical reaction rate and mass flux equations for 
[Cu2+(sol’n)]z,t for the individual elementary steps. This requires determining the kinetic 
parameters, such as reaction order and rate constant, for each elementary step, formulating the 
rate equation for [Cu2+(sol’n)]z,t as a function of the kinetic parameters for each step, and coupling 
the rate equations of individual steps to construct the overall rate equation. The overall partial 
differential rate equation can then be solved using computational software (e.g., COMSOL 
Multiphysics) to predict the overall metal loss over a given service duration in the anticipated 
ranges of solution conditions. Although this thesis project will contribute to the development 
of the copper corrosion rate model, completing it is beyond the scope of this project.   
In solutions with low pH0 (Figure 4.2), the interfacial solution reaches cupric ion 
supersaturation before the bulk solution does, resulting in precipitation at the interface as the 
saturated volume expands. In solutions with near neutral pH0 (Figure 4.3), the sensitivity of 
the solution to slight changes in [H+] and the strong feedback between [Cu2+(sol’n)] changes and 
[H+] changes with time, resulting in the colloids being more dispersed throughout the entire 
solution. Thus, the collision frequency is low (due to a larger saturated volume than in pH0 = 
4.0 solutions) and when Cu(OH)2(solv) precipitates, it does so at all z. The colloid particles 
remain dispersed in the bulk solution and contribute to [CuII(sol’n)]. The colloid particles 
agglomerate as their concentration increases and will eventually precipitate as a hydrogel on 
the surface.  
The aggregation of Cu(OH)2 particles and precipitation of Cu(OH)2 hydrogel may be 
expected to be accompanied by a decrease in [CuII(sol’n)] with time. Instead, it is constant due 
to the production and dissolution of Cu2+(sol’n) at a rate equal to that of the precipitation of the 
Cu(OH)2 hydrogel from solution. This indicates that in Stage 2 the overall metal oxidation rate 
is determined by the production and growth of the hydrogel and the main elementary reactions 
to consider when determining the rate in Stage 2 include the initial redox reaction (Eq. 4.6), 
the diffusion of products through the interfacial solution (Eq. 4.2), the cupric ion hydrolysis 
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equilibria (Eq. 4.3), and the overall precipitation of Cu(OH)2 colloid particles and hydrogel. 
The metal oxidation rate can no longer be equated to the dissolution rate and becomes a 
nonlinear equation based on the hydrogel growth, discussed in detail in Chapter 6. 
The log([CuII(sol’n)])-pH relationship for near-neutral pH0 solutions (bottom row, Figure 
4.3) shows that the copper concentration increases with pH at log([CuII(sol’n)])-pH values left of 
the Cu(OH)2 solubility curve. The log([Cu
II
(sol’n)]) and pH values around the Cu(OH)2 solubility 
curve do not change substantially. Because the precipitation of Cu(OH)2 colloid particles 
occurs in the bulk solution, the collision frequency between colloid particles is low and the 
hydrogel growth occurs within the bulk solution (not in the interfacial solution). Thus, without 
a Cu2+(sol’n)-selective transport barrier (the hydrogel layer) at the metal surface, both [Cu
II
(sol’n)] 
and [OH−] increase simultaneously to satisfy the Cu(OH)2 solubility equilibrium. Once they do 
so, the equilibrium is maintained even with slight variations in pH.  
The results presented in this section show that the elementary reactions that control the 
corrosion rate in the early stages of corrosion do not change with pH0. Regardless of initial 
conditions (specifically pH0 in this section), the log([Cu
II
(sol’n)])-pH relationship at long 
corrosion times will trend towards the solubility-pH curve of Cu(OH)2. However, the initial 
conditions (pH0 > 2.0) determine where on the Cu(OH)2 solubility curve the system will end.  
4.3.3 Effects of Radiation in Small Water Droplets 
In Chapters 6, 7, and 8, corrosion in the absence (Figure 4.4) and presence (Figure 
4.5) of radiation when copper was exposed to a small droplet of pH0 of 7.0 and 9.0 in a variety 
of cover gas conditions was investigated. 
The time-dependent behaviours of [CuII(sol’n)] and pH after corrosion in the absence of 
radiation are presented in Figure 4.4, where similar behaviours were observed in both pH0 
values (7.0 and 9.0). Despite the variety of cover gas compositions, the range of [CuII(sol’n)] 
values were similar, remaining between 0.04 mM and 1.60 mM (log([CuII(sol’n)] = −4.4 to −2.8) 
in all solutions. This narrow range of [CuII(sol’n)] values was similarly unaffected by the large 
changes in pHt with corrosion time, further illustrating the minimal effect of pHt on the 
corrosion rate (although the length of stages and main corrosion products changes with pHt). 
The number of moles of cupric ions produced in these droplet solutions (2 to 80 nmol) is very 
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similar to that observed in 2.0 mL solutions with the same solution depth and pH0 (Figure 4.8 
in Section 4.3.4) (10 to 50 nmol). This explains why, unlike in the larger solutions, the droplet 
solutions quickly become supersaturated with cupric ions, which will be explained in more 
detail later. The time-dependent variations in copper concentration are dependent on solution 
conditions (and pH evolution), but the overall time dependence of [CuII(sol’n] comprises an 
initial increase in Stage 1 with the production of dissolved species (for approximately t < 50 h) 
followed by a plateau at longer corrosion times due to production and growth of the Cu(OH)2 
hydrogel.  
 The pH in solutions free of CO2 (black in Figure 4.4) initially decreased in Stage 1a, 
during which the redox process results in the formation of H+ and Cu(OH)3− (Eq. 4.16), then 
increased as the hydrolysis equilibrium shifted towards the formation of Cu(OH)+ and 
Cu(OH)2(solv) (Eq. 4.21). With no other acid-base equilibria in solution (other than that of 
water), the weak acid-base equilibria of the cupric ion species controlled the pH, which 
remained at the pKa of Cu(OH)+ once hydrogel began to form (8.4 ± 0.1 in Stage 2 in CO2-
free solutions). 
When CO2 is present in solution (blue and green data in Figure 4.4), a competition 
develops between the acid-base equilibria of Cu(OH)+ and of HCO3− due to the changing [H
+]t 
in different corrosion stages. Initially, pHt is buffered at the pKa of Cu(OH)
+ in Stage 1b and 
Cu(OH)2 precipitates due to its low solubility at this pH. As Cu(OH)2 precipitates, the slight 
decrease in OH− causes pHt to decrease substantially to reach the pKa of HCO3− (HCO3− + H
+ 
⇌ H2CO3), because bicarbonate has a larger buffering capacity than Cu(OH)+.9 At this lower 
pH, the cupric ion solubility is higher, and the dissolved particles may reprecipitate and the 
pHt may again increase. The second increase in pH was observed in solutions with CO2 at 
longer times (Figure 4.4).  
Thus, the minimum pH reached depends on the acid-base equilibrium of other 
pH-controlling agents. In the absence of any dissolved CO2, water dissociation and the Cu
2+ 
hydrolysis are the main reactions that control the pHt during corrosion in Stage 1. However, 
when the droplet solution was prepared with CO2-containing air, the minimum pHt reached 
was close to the pKa of bicarbonate (the exact value reached depends on the buffering capacity, 
i.e., the total amount of CO2 dissolved). Hence, the minimum pHt reached in the solution 
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saturated with CO2-free air is higher than that reached in solution saturated with normal air. 
This further confirms that the Cu2+ hydrolysis equilibrium contributes significantly to the 
overall rate of proton consumption, while its effect on the overall rate of dissolution is 
negligible. 
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The solution volumes used in this section were much smaller (0.1 mL compared to 2.0 
mL used in Section 4.3.2) and thus, δdiff was limited (see further discussion on the effect of 
diffusion length in Section 4.3.4). With a small diffusion length, the feedback loop between 
[Cu2+(sol’n)] changes and [H
+] changes with time are more pronounced in the z-averaged 
measured values.  
At the very high [H+]t reached near the metal surface (z = 0) in Stage 1a (Eq. 4.16), the 
solubility of Cu(OH)2(solid) is high. Because the pH of minimum solubility is 8.4 for 
Cu(OH)2(solid), the Cu(OH)2 solubility decreases with increasing pH when pH < 8.4. The pH in 
the interfacial solution is lower (and thus the solubility is higher) than in the bulk solution. 
Thus, as Cu2+(sol’n) transports from z = 0 into the bulk solution (z = δdiff) (primarily as 
Cu(OH)3−), it experiences an increasingly lower solubility. However, Cu
2+
(sol’n) has been 
already transported to the bulk solution and [Cu2+(sol’n)] can exceed the solubility limit at the 
pHt of the bulk solution. Indeed, [Cu
II
(sol’n)] was above the Cu(OH)2 solubility limit at the pHt 
(bottom row in Figure 4.4). This supersaturation induces precipitation of Cu(OH)2 as colloidal 
particles in the bulk solution, which remain dispersed in solution and are included in [CuII(sol’n)]. 
The measured cupric ion concentration includes the dissolved cupric ions and the colloid 
particles, and thus [CuII(sol’n)]t does not change with pHt as much as expected and instead the 
range of values of [CuII(sol’n)] is narrow. The proportion of cupric ions that exist in the dissolved 
state (Cu2+(sol’n)) compared to the colloidal form varies with pHt. 
The general log([CuII(sol’n)])-pH relationship is illustrated by the black trapezoid in 
Figure 4.4. The log([CuII(sol’n)])-pH values are to the right of the solubility curve indicating the 
total amount of copper that has dissolved/dispersed into the solution is higher than the 
solubility of Cu(OH)2 at the pHt of the solution at the same corrosion time. The metastable 
supersaturated solution is due to the formation of Cu(OH)2 colloid particles dispersed in the 
bulk solution, as discussed above.  
The amount of Cu(OH)2 colloid formation (Cu
2+
(sol’n) precipitation) is proportional to 
pH and thus, at high pH values, the solution was more supersaturated than at lower values. 
This flattened the observed log([CuII(sol’n)])-pH relationship compared to the solubility curve. 
There is a large range of [CuII(sol’n)] values at the high pH values as the colloid particles may 
remain in solution or may agglomerate and precipitate from solution (and no longer be included 
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in the measured value) and the relative amount depends on the corrosion time. This widens the 
y-values (log([CuII(sol’n)])) at high x-values (pH), creating the trapezoid shape. At lower pH 
values, the log([CuII(sol’n)])-pH relationship approaches the solubility curve where [Cu
II
(sol’n)]max 
is at saturation (the intersection between the red and the blue dotted lines in Figure 4.4).  
In the presence of radiation, the time-dependent behaviours of [CuII(sol’n)] and pH 
(Figure 4.5) are independent of pH0 and [O2]. Despite the significantly different initial test 
conditions in the experiments carried out, the [CuII(sol’n)]t and pHt changes with time are very 
similar. The additional acidic products in solution formed via water and humid air radiolysis 
cause the pHf to be much lower than in unirradiated solutions. The pHf is indicated by the blue 
dotted line in Figure 4.5 at 4.4 ± 0.5 (although the pHf varied depending on cover gas 
compositions, as discussed in Chapter 7). Although acidic radiolysis products caused a 
decrease in pHt, corrosion reactions (mass/charge transfer reactions, hydrolysis reactions, etc) 
still contribute to the pHf value (the pHf of a solution without a corroding system is 2.7, shown 
in Appendix A). [CuII(sol’n)]max is indicated by the red dotted line in Figure 4.5 at 63.1 mM 
(log([CuII(sol’n)] = −1.2). The pH at which [Cu
II
(sol’n)]max is saturated is the pHf (the intersecting 
blue and red lines in the bottom row of Figure 4.5). 
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The initial metal oxidation half-reaction coupled with the solution oxidant reduction 
half-reaction results in the formation of Cu(OH)3− and H
+ (Eq. 4.16) during Stage 1a. The 
decrease in pHt as the species diffuse from z = 0 cause a shift in the cupric ion hydrolysis 
towards the formation of Cu(OH)2(solv) and Cu(OH)
+ (Eq. 4.20). The production and 
dissolution of acidic products via humid air radiolysis cause the solution to increase in acidity 
quicker than in unirradiated solutions and therefore, the shift in hydrolysis equilibrium 
Cu(OH)2(solv) and Cu(OH)
+ starts earlier than when radiation is absent (i.e., a shorter Stage 1a). 
The rate of − Δ[H+]t due to metal oxidation and the shift in cupric ion hydrolysis was slightly 
lower than the rate of Δ[H+]t due to radiolysis products, and thus the pHt decreased rather than 
increased with time in Stage 1b (Figure 4.5). 
Because the production of H+ via radiolysis occurs in the bulk solution, the pHt in the 
bulk solution is higher than in the interfacial solution. This causes the colloid and hydrogel 
formation to occur in the interfacial solution. Furthermore, in the presence of radiation, the 
agglomeration and precipitation of these colloid particles is fast. Water radiolysis produces 
reactive species, including •O2−, that induce colloid agglomeration and increase the rate of 
hydrogel formation, which is discussed further in Chapter 6.11-13 With faster precipitation and 
growth of the solid-phase Cu(OH)2, the solubility quasi-equilibrium can quickly be achieved. 
The growth of the hydrogel in Stage 2 was accompanied by a plateau in [CuII(sol’n)]t with time. 
Following the hydrogel growth, [CuII(sol’n)] increased further due to slight fluctuations in pHt, 
as discussed in depth in Chapter 6. Once the Cu(OH)2 solubility equilibrium was established 
it was maintained despite fluctuations in pHt and an increase in [Cu
II
(sol’n)]t with time. 
The log([CuII(sol’n)])-pH relationship (Figure 4.5) at high pH values (which corresponds 
to early corrosion times) show that the solution is supersaturated due to early formation of 
Cu(OH)2 colloid particles (also observed in unirradiated solutions). At pH values lower than 
6.0, the Cu(OH)2 solubility equilibrium is maintained, due to the fast formation of Cu(OH)2 
hydrogel which can establish the solubility quasi-equilibrium with the dissolved species. Once 
the Cu(OH)2 solubility equilibrium is achieved, it is maintained despite further pHt variations. 
In an open, corroding system, the equilibrium values are not expected to be conformed to 
exactly (and instead are referred to as a ‘quasi-equilibrium’) and the distribution around the 
solubility curve is on average ± 1 pH unit and ± 0.5 order of magnitude around [CuII(sol’n)].  
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These results show that the solubility equilibrium dictates [CuII(sol’n)] after long 
corrosion times in both irradiated and unirradiated solutions. The implication of the 
log([CuII(sol’n)])-pH trend towards the solubility limit, regardless of the oxidizing power of the 
solution, is that the maximum [CuII(sol’n)] can be predicted if the steady state pH or minimum 
pH is known. However, the initial conditions as well as how Cu2+(sol’n) and pH change with 
time must be understood in order to predict the final state of the solution (where on the 
solubility curve the log([CuII(sol’n)])-pH lies).  
Figure 4.6 compares the same cover gas compositions in the presence and absence of 
radiation (pH0 = 7.0), where the black trapezoid indicates the general observed 
log([CuII(sol’n)])-pH trend. Without radiation, all measured [Cu
II
(sol’n)] values were above the 
saturation limit for the corresponding pH, while in the presence of radiation the 
log([CuII(sol’n)])-pH relationship closely follows the Cu(OH)2 solubility equilibrium. The 
different log([CuII(sol’n)])-pH relationships are a result of the time-dependent evolution of the 
two species, as discused in depth above. [CuII(sol’n)]max without radiation is approximately equal 
to the minimum [CuII(sol’n)] with radiation because the minimum pH without radiation is 
approximate equal to the pHmax with radiation. These results demonstrate that there is a strong 
correlation between the pH evolution and copper dissolution throughout corrosion in both 
irradiated and unirradiated solutions. 
 
 




Figure 4.6 The log([CuII(sol’n)])-pH relationship after copper was exposed to a 100 μL water 
droplet solution (pH0 = 7.0) with various cover gas environments in the absence (NoRad) and 
presence (Rad) of radiation. The black trapezoid indicates the general observed 
log([CuII(sol’n)])-pH relationship. 
4.3.4  Effects of Solution Depth in the Presence of Radiation 
The length of Stage 1 is dependent on how quickly Cu2+ can accumulate in solution, 
reach the solubility limit of Cu(OH)2(solid), and begin precipitating. In solutions with a small 
depth, such as the small water droplets used for the study presented in the previous section, 
Cu2+(sol’n) can accumulate quickly and Stage 1 is short. In solutions with a large depth, Stage 1 
is prolonged as it takes more time for the solution to reach the cupric ion saturation capacity if 
the dissolution rate is the same. Many studies on copper corrosion are done in large solution 
volumes, and as a result, only the corrosion behaviour in Stage 1 can be studied.4 Chapter 8 
investigates the effects of solution depth (dsol) on the corrosion dynamics in the presence of 
radiation using dsol values between 0.25 and 2.50 cm.  
In small solution depths (defined in this study as dsol ≤ 0.25 cm, regardless of solution 
volume), the diffusion layer (0 < z < δdiff) is a non-negligible proportion of the overall dsol, 
schematically shown in Figure 4.7. The diffusion layer thickness is dependent on the diffusing 
ion and for a given ion it is the same regardless of solution volume. In stagnant solutions, the 
Nernst diffusion layer is approximately 0.2 – 0.5 mm.14 In small dsol solutions, the thickness of 
  Chapter 4 
90 
 
the diffusion layer, where large concentration gradients exist, is not negligible compared to the 
thickness of the solution layer. Conversely, in large depths (defined in this study as dsol ≥ 0.80 
cm), the concentrations within the diffusion layer do not contribute significantly to the 
measured species values. In fact, the interfacial solution can be considered a point source of 
Cu2+(sol’n) and other dissolved species formed via interfacial charge transfer (e.g., H
+/OH−). 
 
Figure 4.7 Schematic representation of the diffusion length (δdiff) in small (left) and large 
(right) volumes, where dsol is the solution depth.  
The solution used for all values of dsol was pure water with pH0 near neutral, which is 
the same solution used in the droplet experiments presented in Section 4.3.3. The radiolytic 
copper corrosion mechanism for droplet solutions (where the maximum dsol is 0.20 cm) was 
discussed in the previous section. The time-dependent evolution of corrosion products in 
droplet solutions and all dsol show similar trends, although the length and the corrosion product 
yield in each stage was dependent on the solution depth. The solution volume used for the 
smallest dsol (0.25 cm) in Figure 4.8 (black) was 2.0 mL, which was the same volume used for 
the largest dsol (2.50 cm, red in Figure 4.8) (see experimental set-up information in Chapter 
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8). Despite the same volume, the results with smaller values of dsol are more comparable to 
those in droplet solutions. 
For dsol = 0.25 cm solutions, the depth was similar to the maximum depth of the droplet 
solutions discussed in the previous section (schematically shown in Figure 4.7). [CuII(sol’n)]max 
was 2.7 ± 0.3 mM (red dotted line in Figure 4.8), which is a much lower concentration than in 
the droplet solutions, but the same number of moles of CuII(sol’n) were produced in both 
solutions (5.0 ± 0.1 μmol). Thus, the pH at which the [CuII(sol’n)]max is at its saturation value is 
much higher in this larger volume (5.2, blue dotted line in Figure 4.8), than in the droplet 
solution (4.4 in Figure 4.6). Accordingly, the measured pHt remained high, even with the 
continuous input of acidic radiolysis products. It is the Cu(OH)2 solubility equilibrium, more 
so than the radiolysis products, that controls the pHt in solutions with a small solution depth.  
The large dsol (dsol ≥ 0.80 cm) solution (red, green, and purple in Figure 4.8) had a low 
pHf of 3.4 ± 0.2. The steady-state pHt value was lower for larger dsol because the bulk solution 
reactions contributed more significantly to the overall pHt. Thus, it is mostly the radiolytic 
acidic species that contribute to the low pHf in large dsol, while the corrosion reactions, which 
are localized in the interfacial solution, contributed more substantially to the pHt of small 
solutions. The [CuII(sol’n)]max values in these solutions were proportional to the solution depth.  
In all solutions, Stage 1 involved an increase in [CuII(sol’n)]t with time. The length of 
Stage 1 increased with increasing solution depth, but the rate of CuII(sol’n) production (in nmol 
of Cu/cm2/h) was not dependent on solution depth (values given in Chapter 8). That is, the 
rate of corrosion in Stage 1 is not dependent on dsol, but the overall amount of metal loss in 
Stage 1 increases with increasing dsol. In Stage 2, [Cu
II
(sol’n)] remained constant with time at a 
concentration value that was nearly independent of dsol. Thus, the number of moles of Cu
2+
(sol’n) 
in solution during Cu(OH)2 hydrogel growth is proportional to dsol. In corrosion stages beyond 
Stage 2, the overall amount of copper oxidation is proportional to dsol, which is discussed in 
depth in subsequent chapters. 
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The log([CuII(sol’n)])-pH relationship for dsol = 0.25 cm (black, Figure 4.8) shows that 
the Cu(OH)2 solubility equilibrium was established and maintained despite the changes in pHt 
between 4.8 and 6.5. This quick establishment of the Cu(OH)2 solubility equilibrium was also 
observed in the droplet solutions with a similar dsol, however, the pHt and [Cu
II
(sol’n)]t values 
were lower in the larger volumes. Thus, solutions with similar dsol show a similar 
log([CuII(sol’n)])-pH relationship but with [Cu
II
(sol’n)]max and pHf values that depend on the 
solution conditions. 
The log([CuII(sol’n)])-pH relationship when dsol ≥ 0.8 cm follows the Cu(OH)2 quasi-
equilibrium when the pH is between 4.0 and 7.0 (a similar pH range to that of dsol = 0.25 cm). 
However, as the pHt decreased past 4.0, the log([Cu
II
(sol’n)])-pH values fell well below those of 
the solubility equilibrium curve (the entire solution was not saturated with cupric ions). Despite 
being undersaturated, the [CuII(sol’n)] increase with pH or time is not what was expected for 
active dissolution. Instead, for pH < 4.0 the increase in log([CuII(sol’n)]) has a similar 
relationship with pH to that of the Cu(OH)2 solubility curve, with a log([Cu
II
(sol’n)])-pH slope 
of −2 (indicated by the black dotted line in the bottom row in Figure 4.8), albeit at lower 
log([CuII(sol’n)])-pH values. This suggests that the change in [Cu
II
(sol’n)] with pH remains 
governed by the Cu(OH)2 solubility equilibrium. This is consistent with the proposed 
mechanism of the formation of the hydrogel between the metal surface and the bulk solution. 
However, the measured values of pHt and [Cu
II
(sol’n)]t are averaged over the entire solution (z-
averaged), and the log([CuII(sol’n)])-pH relationship is to the left of the Cu(OH)2 solubility curve. 
The log([CuII(sol’n)])-pH relationships in various dsol are shown in Figure 4.9. The 
Cu(OH)2 solubility quasi-equilibrium was maintained for all dsol for pH values between 4.0 and 
7.0. Only the largest dsol (≤ 0.80 cm) had pH values lower than this range, at which the solution 
was under its solubility limit, as discussed above. This again confirms that the values of 
[CuII(sol’n)] and pH after long-term copper corrosion converge at the Ksp, but the absolute values 
are based on the initial conditions and the evolution of [CuII(sol’n)]t and pHt with time. Thus, to 
accurately predict the values of [CuII(sol’n)]max and pHf along the solubility curve, the initial 
conditions and the time-dependent behaviours of [CuII(sol’n)]t and pHt must be known. The 
findings presented in this section indicate that the solution depth, not volume, determines how 
the log([CuII(sol’n)])-pH relationship evolves. 




Figure 4.9 The log([CuII(sol’n)])-pH relationship during radiolytic corrosion in droplet solutions 
(Section 4.3.3), small solution depths (dsol = 0.25 cm), and large solution depths (dsol ≥ 0.8 
cm). 
4.4  CONCLUSION  
This chapter investigated the relationship between CuII(sol’n) dissolution and pH during 
copper corrosion in a wide range of conditions. The time dependences for [H+] and [CuII(sol’n)] 
were established and it was shown that the same elementary rate-determining steps are 
involved in Stages 1 and 2 in all studied conditions (in a variety of pH0 and oxidizing 
environments). The time-dependent values of [H+] and [CuII(sol’n)] had outliers and variations, 
however, the log([CuII(sol’n)])-pH relationship was consistent across all time points and solution 
conditions. It was shown that beyond Stage 1, the values of [CuII(sol’n)] and pH can be 
determined by the solubility equilibrium of Cu(OH)2 if the initial conditions and the evolution 
with time are known.  
Although the process of developing a quantitative corrosion rate model is still 
underway, the elementary steps identified through this study can consistently explain the 
time-dependent behaviours of measured dissolved copper concentration ([CuII(sol’n)]t) and pHt, 
and the effects of pH0, type and concentration of oxidant, and CO2/carbonate on the time 
dependences and the durations of Stages 1 and 2. Furthermore, the fundamental understanding 
gained from the results presented in this chapter of the thermodynamic limitations for copper 
concentration values could simplify long-term corrosion modelling.  
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CHAPTER 5. CHEMICAL ADDITION OF KEY RADIOLYSIS PRODUCTS 
5.1  INTRODUCTION  
The copper layer of the UFC and the DGR environment will be exposed to a continuous 
flux of γ-radiation emitted from decaying radionuclides in the used fuel.1 The absorbed 
γ-radiation by copper metal will be dissipated by heat without inducing chemical changes in 
the metal. However, the absorbed γ-radiation by liquid water and humid air will cause their 
decomposition into redox active and acidic species. Due to a low linear energy transfer rate 
from γ-photon (via Compton scattered electron) to water, γ-radiation produces the species 
homogeneously within the irradiated solution volume and, under a continuous flux of γ-
radiation, the radiolysis product concentrations reach steady state. Hence, the effects of γ-
radiation on corrosion rate are through the radiolysis products that are distributed 
homogeneously and at near constant concentrations (even though they may be consumed by 
corrosion reactions).  
The initial products formed from the radiolytic decomposition are referred to as 
primary radiolysis products and are distributed homogeneously within 100 ns at a 
concentration that is affected by the total absorbed radiation dose.2-5 For processes that occur 
within 100 ns, such as allowed electronic energy state transitions (light 
absorption/fluorescence), it is critical to follow the rates of production of the primary radiolysis 
products. However, the primary radiolysis products will react together in solution as well as 
with other solution species on a micro- to millisecond timescale, from which they are 
consumed to form secondary species in concentrations that are affected by the radiation dose 
rate and the concentration of other species in solution (e.g., H+, O2, Cl−
-, and other radical 
scavengers). For water (Eq. 5.1) and humid air (Eq. 5.2) exposed to gamma radiation, these 
species include redox active and acidic products: 
H2O(l)  HO
•, H+, e−(aq), H
•, H2, H2O2, O2
•− (5.1) 
H2O(g), N2(g), O2(g)  NOx, HNO3 (5.2) 
The steady-state concentrations of these species, not the primary radiolysis species 
concentration, affect the rates of solid-liquid interfacial mass transfer processes or surface 
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reactions that occur on the timescale of minutes. The steady-state concentrations of these 
radiolysis products depends on the radiation dose rate, not the total absorbed dose.3 Calculated 
concentrations for water and humid air radiolysis products produced at the dose rate used in 
this thesis is shown in Figure 5.1.1 
 
Figure 5.1 Simulated production of water and humid air radiolysis species in the presence of 
γ-radiation (2 kGy/h) in the absence of Cu corrosion.1 The dashed vertical line indicates a 
change in the dominant radiolysis product from H2O2 to NO3
–. 
Furthermore, because of the different reaction times of homogeneous solution and 
surface reactions, the important radiolysis products for corrosion are not the more reactive 
radical species but the more stable molecular products such as H2O2, O2, H
+, NO3−/NO2−. (For 
ground waters that may contain highly saline concentrations, the intermediate chloride 
radiolysis products such as ClO and Cl2 may become important.) So while there are many 
highly oxidizing radiolysis products (e.g., •OH), their lifetime is short and will be consumed 
in solution before reaching the metal surface to participate in redox reactions that occur at the 
metal surface.1 Due to their continual production in a continuous flux of γ-radiation, these 
radical species can participate in other solution reactions that occur at later stages of corrosion. 
The main oxidant species that induces metal oxidation in the presence of radiation is 
the source of much debate.6-9 The molecular species, particularly H2O2 has been identified as 
a key radiolysis product for corrosion reactions.3,6,7,10-12 Nitrate has also been shown to 
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participate in the oxidation of copper.13,14 However, the main role of radiolytically-produced 
nitrate has been identified as the complexation and co-precipitation with copper ions in late 
corrosion stages.13-16 During late-stage corrosion, both H2O2 and NO3− are able to reduce 
CuII(sol’n), once it accumulates in the solution, accelerating its precipitation as Cu(OH)2 
hydrogel and Cu2O,
7,17-19 which is discussed in detail in Chapter 6. Water and humid air 
radiolytic decomposition also produce acidic species, decreasing the pH of the solution 
substantially. 
Determining the overall effects of the presence of radiation on a corroding system is 
complicated as both the individual effects of each species and the combined effects must be 
fully understood. The presence of radiation produces species continuously at a steady-state 
concentration, so they are not depleted by reactions and can continuously interact with the 
corroding system. Because of this continuous production, the effects of long-term radiolysis 
on copper corrosion cannot be extrapolated from the results from a one-time chemical addition 
of radiolysis products.3,8 However, how the key radiolysis species affect corrosion at early 
times can be determined and is the aim of this study. 
The effects of the key water and humid air radiolysis products, H2O2 and HNO3, on the 
copper corrosion dynamics at early corrosion times are studied in this chapter. The initial 
concentration of oxidant, the addition of nitrate, and a lowered pH are all investigated. The 
experiments were conducted in the absence of radiation and the corrosion dynamics were 
followed by analysing the dissolved and solid corrosion products as a function of corrosion 
duration.  
5.2  EXPERIMENTAL 
5.2.1 Materials and Solutions 
All experiments were performed with high purity copper (99.9% purity) coupons made 
from wrought copper samples (provided by SKB, the Swedish Nuclear Waste Management 
Company) with an exposed surface area of 0.785 cm2. The top surface of the copper coupons 
was ground using silicon carbide papers with grit sizes 400, 800, and 1200 in succession. The 
coupons were then washed with deionized water, dried under flowing Ar(g) and placed in a 20 
mL vial sealed with an aluminum crimp cap with a polytetrafluoroethylene (PTFE)-coated 
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silicone septum (Thermo Fisher Scientific, Waltham, MA). More information on this 
procedure is provided in Section 3.1. Poly-vinyl chloride heat shrink tubing (Techflex, Sparta, 
NJ) with an inner diameter of 15.88 mm was used to expose only the top, polished surface, and 
2.0 mL of solution was used, as shown in Figure 5.1. Samples were left on the benchtop, not 
exposed to radiation, and covered with aluminium foil to minimize photochemical degradation 
of H2O2. Control experiments were performed in shrink tubing without copper to measure H2O2 
degradation (not shown). 
 
Figure 5.2 Image and schematic of the experimental set up, in which a copper coupon is 
embedded in a shrink tubing to expose only the top surface to 2.0 mL of solution. 
Hydrogen peroxide (H2O2) solutions were prepared by dilution of a 3 wt. % stock H2O2 
solution (Thermo Fisher Scientific, Waltham, MA), using water purified to a resistivity of 18.2 
MΩcm with a NANOpure Diamond UV ultra-pure water system (Barnstead International, 
Dubuque, IA) and were stored in a fridge between experiments. If a pH increase was required 
(i.e., for pH0 = 6.5, 10 mM H2O2 solutions), a 1 M sodium hydroxide (≥ 98 %, Sigma Aldrich, 
St. Louis, MO) solution was added dropwise to achieve the desired pH.  
H2O2 solutions containing nitrate (NO3
–) were made using NaNO3 supplied by Sigma-
Aldrich. HNO3 stock solution (70 % Sigma Aldrich, St. Louis, MO) was added dropwise to 
lower the pH to 4.0 when required, with the pH determined using an Orion 9110DJWP Double 
Junction Micro-pH Electrode (Thermo Fisher Scientific, Waltham, MA).  
Cu2+-saturated solutions were made by dissolving 0.8 mg of technical grade copper (II) 
hydroxide (Sigma Aldrich, St. Louis, MO) in 20.0 mL of water (purified using a NANOpure 
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Diamond UV ultra-pure water system (Barnstead International, Dubuque, IA). For qualitative 
determination of the effect of [H2O2] on cupric ion precipitation in Section 5.3.2, 0.5 mL of 
the Cu2+-saturated solution was placed on top of the copper coupon embedded in the shrink 
tubing, followed by 1.5 mL of water or H2O2 solution. 
5.2.2 Post-Test Analyses  
Experiments were terminated by removing the solution from the coupon surface using 
a Pasteur pipette. The copper coupon was washed with deionized water and dried using Ar gas. 
Optical images were obtained using a Leica DVM6A digital microscope, as outlined in Section 
3.3.1, then the coupon was stored under vacuum. Scanning electron microscopy (SEM) was 
performed at the Western Nanofabrication Facility using Zeiss LEO 1530 instrument (more 
information is given in Section 3.3.2).  
An aliquot of the solution was diluted for ultraviolet visible spectrophotometry 
(BioLogic Science Instruments) to determine the H2O2 concentration using the Ghormley 
triiodide method, following the procedure outlined in Section 3.4.3.20 A second aliquot of 
solution was diluted so the dissolved copper concentration could be quantified using 
inductively coupled plasma optical emission spectroscopy (ICP-OES) (PerkinElmer Avio 200 
ICP-OES) following the procedure outlined in Section 3.4.2. The remaining solution was used 
for pH determination performed using a Thermo Scientific Orion 9110DJWP Double Junction 
Micro-pH Electrode, outlined in Section 3.4.1. 
5.3 RESULTS & DISCUSSION 
5.3.1 Effects of H2O2 on Copper Dissolution Kinetics 
Radiolysis decomposition products, including H2O2, are continuously formed at a low 
steady-state concentration during radiolytic copper corrosion. However, for copper corrosion 
in the presence of a chemical solutions containing the species produced via radiolytic 
decomposition, the radiolysis product concentration is initially high and decreases as it is 
consumed by corrosion reactions. Thus, in experiments done with chemical addition, only 
initial corrosion processes can be studied. The advantage of using chemical solutions over 
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exposing solutions to a continuous flux of γ-radiation is the individual effects of radiolysis 
species can be investigated and decoupled from each other.  
In this section, the effects of the initial [H2O2] ([H2O2]0) on Stages 1 and 2 are 
investigated by using chemical solutions with various [H2O2]0 at an initial pH (pH0) near 
neutral (unadjusted for [H2O2]0 = 0 M and 0.1 mM at 6.5 and increased to 7.0 for [H2O2]0 = 10 
mM). The time-dependent behaviours of [CuII(sol’n)], pH, and H2O2 consumption (% 𝐻2𝑂2 =
[𝐻2𝑂2]0−[𝐻2𝑂2]𝑡
[𝐻2𝑂2]0







   Chapter 5 
103 
 














































































































































   Chapter 5 
104 
 
In solutions with a near neutral pH0, the first measured pHt (t = 2 h) was lower than 
pH0, shown in the middle row in Figure 5.3. This indicates that in initial corrosion times, the 
production of H+ is faster than the production of OH− via O2 reduction at z = 0. As discussed 
in detail in Chapter 4, when the pH of a solution is near the equivalence point of water, a small 
production of OH− by the oxidant reduction reaction can cause a significant and immediate 
increase in pH at z = 0. The increase in pH pushes the cupric ion hydrolysis reaction towards 
the formation of Cu(OH)3− very quickly. The fast rates of these reactions mean that they can 
be considered one elementary reaction occurring at z = 0 and at very early corrosion times, 
both [H+]t and [Cu
II
(sol’n)] increase (Figure 5.3). This initial pHt decrease at initial corrosion 
times was observed when the oxidant was O2 ([H2O2]0 = 0 M) and H2O2 ([H2O2]0 = 0.1 mM 
and 10 mM), indicating this elementary step is not dependent on the oxidant type: 
Cu0(m) + ½ O2 + 2 H2O → Cu(OH)3− + H
+    in Stage 1a (5.3) 
Cu0(m) + H2O2 + H2O → Cu(OH)3− + H
+    in Stage 1a (5.4) 
When [H2O2] > 0.05 mM, O2 reduction is too slow to compete with H2O2 reduction coupled 
with Cu0(m) reduction and can be considered negligible.
21,22 
Cu(OH)3− and H
+ diffuse from z = 0, where they are produced, into the bulk solution (z 
= δdiff), which results in the increase in [Cu
II
(sol’n)]t and the decrease in pHt in Stage 1a. The 
stochiometric ratios in Eq. 5.3 and Eq. 5.4 indicate that the increase in [CuII(sol’n)]t should be 
equal to the increase in [H+]t. This equivalence is observed when no other acid-base equilibria 
are established in the solution (e.g., unirradiated CO2-free solutions, shown in Chapter 6). 
However, in naturally aerated solutions, such as those presented in this chapter, the bicarbonate 
buffering system affects [H+]t of solutions near its pKa. 
H2CO3 ⇌ H+ + HCO3− pKa = 6.4 (5.5) 
Small amounts of H+ produced at the surface will be consumed via Eq. 5.5 which makes the 
increase in [CuII(sol’n)] by the first measurement larger than the increase in [H
+] for all [H2O2]0 
(Figure 5.2 shows the first measurement: log([CuII(sol’n)]) = −5.1 and pH = 5.4).  
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The subsequent increase in pHt for 0.5 h ≤ t ≤ 14 h (Figure 5.3) is due to the formation 
of Cu(OH)2(solv) and Cu(OH)
+ as Cu(OH)3− and H
+ diffuse into the bulk solution.  
Cu(OH)3− + H
+ → Cu(OH)2(solv) + H2O → Cu(OH)
+ + OH−        in Stage 1b (5.6) 
Despite a pHt increase of more than an order of magnitude during Stage 1b, [Cu
II
(sol’n)] 
dissolution throughout Stage 1a and 1b is linear with time. Because only dissolved copper 
species are produced during Stage 1, the corrosion rate is proportional to the dissolution rate, 
as described in Chapter 4. The linear dissolution rate in Stage 1 indicates that the corrosion 
rate does not change with pHt.  
Cu(OH)2(solid) will precipitate after the solution reaches the cupric ion solubility limit. 
Previous studies show that precipitation of Cu(OH)2 will initially be as colloid particles that 
remain dispersed in solution.23-25 The formation of the colloidal particles does not change the 
rate in Stage 1 and contribute to the overall [CuII(sol’n)]t. The final pHt of 6.4 ± 0.2 
(corresponding to the pKa of bicarbonate, Eq. 5.5) reached at the end of Stage 1 was the same 
for [H2O2]0 of 0 M (purple) and 0.1 mM (black). The highest [H2O2]0 (10 mM) reached a 
slightly higher pHt of 6.7 ± 0.2, likely due to the slightly higher [OH−]0.  
During Stage 1a and 1b (t ≤ 14 h), the increase of [CuII(sol’n)]t matched the decrease of 
[H2O2]t (bottom row in Figure 5.3) for solutions with [H2O2]0 > 0 M. This equivalence is 
predicted by the stochiometric ratios in Eqs. 5.3 and 5.6, which lends additional confirmation 
that the metal oxidation is forming mainly dissolved cupric ion species during Stage 1.  
[CuII(sol’n)]t and pHt plateau when t > 14 h for all [H2O2]0. Furthermore, Chapter 4 
showed that at this time, the solution had reached Cu(OH)2 solubility equilibrium. Thus, the 
Cu(OH)2 colloid particles agglomerate into a hydrogel network while the solution remains at 
the saturation limit. That is, the rate of Cu0(m) oxidation to form Cu
2+
(sol’n) is as fast as Cu
2+
(sol’n) 
precipitation to form the hydrogel network. The equal rates of production and removal of 
Cu2+(sol’n) result in the overall corrosion rate being controlled by the growth rate of the hydrogel 
species, as discussed in detail in Chapter 6. The plateau in [CuII(sol’n)]t was at 24 ± 3 μM for 
[H2O2]0 of 0 M (purple) and 0.1 mM (black). The same [Cu
II
(sol’n)]t indicates that a change in 
oxidant from O2 (approximately constant at 0.25 mM) to H2O2 (initially at 0.10 mM) did not 
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affect the dissolution rate or yield of CuII(sol’n). The [Cu
II
(sol’n)]t plateau for [H2O2]0 of 10 mM 
was at 49 ± 7 μM, which was only two times higher than for [H2O2]0 = 0.1 mM and 0 M, not 
100 times higher, as one would expect if CuII(sol’n) dissolution rate was dependent on the initial 
oxidant concentration. 
In all [H2O2]0 solutions with pH0 near neutral, the Cu
II
(sol’n) dissolution behaviour and 
pHt evolution was the same. The dissolution behaviour of Cu
II
(sol’n) and the final yield of 
[CuII(sol’n)] was unaffected by the initial concentration of oxidant (0 – 10 mM) and identity of 
the oxidant (O2 or H2O2). This finding contradicts the conventional understanding that the 
corrosion rate increases with increasing concentration of oxidant (usually [O2]
26-28 or in the 
presence of radiation8,9,29). The steady-state [H2O2] in the presence of radiation is dependent 
on the solution conditions and the dose rate, but this study has demonstrated that the identity 
and concentration of the oxidant do not need to be determined precisely to predict overall 
copper dissolution. These results indicate that it may be unnecessary to determine the identity 
of the main oxidant in radiation-induced corrosion of copper when predicting the copper 
dissolution behaviour. Both these major findings can simplify copper corrosion modelling in 
the presence of radiation. 
5.3.2 Effects of H2O2 on Cu2O Precipitation 
The time-dependent surface evolution in solutions of various [H2O2]0 is shown in 
Figure 5.4 (the corresponding solution evolution is in Figure 5.3). In initial corrosion times (t 
= 2 h in Figure 5.4), the surface remains relatively clean of granular oxides. This corresponds 
with Stage 1, during which the main corrosion product is dissolved cupric species. With 
increasing time, more oxide deposits were observed on the surface and the proportion of the 
surface covered by oxides was proportional to [H2O2]0. The surface remains relatively clear in 
the pure water solutions, although faint orange Liesegang bands were observed after 48 h 
(bottom row in Figure 5.4). Localized spots of Cu2O growth appeared on the surface for 
[H2O2]0 = 0.1 mM, while almost uniform growth was observed for [H2O2]0 = 10 mM. 




Figure 5.4 Optical images of the surface after exposure to various [H2O2]0 (pH0 = 6.5 – 7.0) 
for 2, 24, and 48 h of corrosion. 
As cupric ions accumulate in solution during Stage 2, H2O2 can be oxidized coupled 
with the reduction of cupric ion (Eq. 5.7a). The rate of oxidation of H2O2 by Cu
2+
(sol’n) can only 
compete with its rate of reduction by Cu0(m) when the concentration of Cu
2+
(sol’n) is high, and 
thus only occurs at later stages of corrosion (i.e., Stage 2 and 3). The solubility of Cu+(sol’n) is 
very low, quickly establishing its solubility equilibrium, and CuOH joins the solid hydrogel 
network (Eq. 5.7b). This process is discussed in detail in Chapter 6. CuOH is unstable and 
will dehydrate to form the more stable Cu2O (Eq. 5.7c). 
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2 Cu2+ + H2O2 + 2 OH− → 2 Cu
+ + O2 + 2 H2O (5.7a) 
Cu+ + OH− ⇌ CuOH(solid) (5.7b) 
2 CuOH → Cu2O + H2O (5.7c) 
The redox activity of the solution is key to the reduction of Cu(OH)2 to CuOH and thus, the 
growth of Cu2O particles. The chemical activity of H2O2 is directly proportional to the rate of 
reaction of Eq. 5.7a, and thus, the amount of oxide growth at a particular corrosion time is 
directly proportional to [H2O2]0 (Figure 5.4). 
Note, in pure water ([H2O2]0 = 0 M), the reduction of Cu
2+
(sol’n) may be Cu
0
(m) or H2O2, 
the latter formed from the two step O2 reduction.
13,14,21,30,31 However, the chemical activity of 
Cu0(m), as with any solid, is one and thus does not affect the rate of reaction.  
For [H2O2]0 > 0 M solutions (black and brown in Figure 5.3), the consumption of H2O2 
in Stage 2 was higher than the CuII(sol’n) production at the same corrosion time, despite an 
expected ratio of 1:1 if all H2O2 was used to make Cu
II
(sol’n) (Eq. 5.4). In the blank experiments 
performed in the absence of copper corrosion (data not shown), H2O2 decomposition was 
minimal indicating that the self-decomposition of H2O2 without copper is minimal. H2O2 
decomposition can be catalyzed by CuI(sol’n) via Fenton-like reactions; however due to the low 
solubility of CuI(sol’n), its reaction with H2O2 is expected to be low.
7,32,33 The reduction of cupric 
ions to cuprous ions homogeneously in solution by H2O2 is known to occur in irradiated 
solutions.21 It is proposed that most of the extra consumption of H2O2 is via Cu(OH)2 reduction 
to CuOH (which precipitates as Cu2O, Eq. 5.7).  
For [H2O2]0 = 0.10 mM solutions, the pseudo-first order rate constant for H2O2 
consumption when t > 14 h was found to be 4 ± 2 ×10-6 s-1 (extracted from Figure 5.3). This 
measured rate constant is similar to that reported for the oxidation of H2O2 by Cu
2+ (Eq. 5.7a), 
kH2O2 ~ 3×10
-6 s-1 at pH 6 for 10 μM Cu2+ (log([Cu2+] = –5.0).7,17 This suggests that the 
oxidation of H2O2 (coupled with Cu
2+
(sol’n) reduction), not just its reduction (coupled with 
Cu0(m) oxidation), occurs during Stage 2 and beyond, and therefore, is included in the 
mechanistic description presented in Chapter 6, and eventually the modelling of radiation-
induced copper corrosion. 
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To decouple the Cu0(m) oxidation (Cu
II
(sol’n) dissolution) and Cu2O formation, a copper 
surface was exposed to a Cu2+-saturated solution mixed with pure water, 0.1 mM H2O2, and 
10 mM H2O2 and the optical images of the surfaces after 48 h of exposure are shown in Figure 
5.5. The surface exposed to pure water showed only a few localized areas of solid corrosion 
product growth across the surface, but the general area remained clean. Similarly, after 
exposure to [H2O2]0 = 0.1 mM there was some precipitation on the surface, but it remained 
generally clean. After exposure to [H2O2]0 = 10 mM, many oxide islands were observed on the 
surface and the general surface darkened in colour (indicative of the entire surface covered 
with small Cu2O crystals, discussed in depth in Chapter 6).  
In these solutions, cupric ions were already at their saturation capacity, and thus, Cu0(m) 
did not need to be oxidized before Cu2O precipitation could begin. [Cu
II
(sol’n)] in all [H2O2]0 
solutions was the same and no H2O2 consumption by Cu
0
(m) needed to occur before 
precipitation. Therefore the effect of [H2O2]0 on Cu2O precipitation from a Cu
2+-saturated 
solution could be determined. In these experiments, pHt and [Cu
II
(sol’n)]t did not change 
substantially over the 48-h experimental time (Appendix B), which means that if precipitation 
removed CuII(sol’n), it was replaced via Cu
0
(m) oxidation. This is consistent with the 
interpretation of the corrosion studies that the solution remains at or above Cu2+-saturation 
while Cu2O precipitates via Cu
II
(sol’n) reduction. Furthermore, these findings confirm that the 
[H2O2]0 is directly proportional to the rate of Cu2O growth. 
 




Figure 5.5 Optical images of copper surfaces after exposure to a Cu2+-saturated solution and 
various [H2O2]0 (pH0 = 6.5) for 48 h corrosion time. The black boxes indicate where the 
respective higher magnification image was taken. 
These findings indeed indicate that the amount of Cu2O growth is dependent on the 
[H2O2]0 in solutions with the same [Cu
II
(sol’n)]t and pHt, consistent with the corrosion tests that 
all contained slightly different [CuII(sol’n)]t and pHt. Thus, the main effect of the presence of 
H2O2 during radiolytic copper corrosion is not the oxidation of Cu
0
(m) during early corrosion 
stages (shown in Section 5.3.1), but the reduction of Cu2+(sol’n) after their accumulation to cause 
the precipitation of Cu2O during later corrosion stages.  
5.3.3 Effects of NO3– on Copper Dissolution Kinetics and Cu2O Precipitation 
Nitric acid (HNO3) is formed via humid air radiolytic decomposition and quickly 
coalesces onto surfaces or dissolves into available solution. Because the dissolution occurs at 
the air-solution interface, it takes longer for HNO3 to reach homogeneous distribution and its 
steady-state concentration than it does for water decomposition products (Figure 5.1).1 The 
production of HNO3 can affect the copper corrosion dynamics by decreasing the solution pH 
and by the formation of nitrate (NO3−), which is a redox active species and can complex with 
copper cations.1 In this section, the effects of the presence of NO3− (near-neutral pH0) and of 
HNO3
 in H2O2 solutions
 are investigated. Both solutions contained [H2O2]0 = 0.1 mM and 
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[NO3−]0 = 2 mM, and the time-dependent behaviours of [Cu
II
(sol’n)], pH, and H2O2 consumption 
are shown in Figure 5.6.  
Figure 5.6 Time-dependent behaviours of [CuII(sol’n)] (top row), pH (middle row), and H2O2 
consumption (bottom row) in the presence of [H2O2]0 = 0.1 mM + [NO3−]0 = 2 mM with pH0 
= 6.5 (blue, left) and pH0 = 4.0 (pink, right). The orange dotted line indicates [Cu
II
(sol’n)]max. 
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In near neutral pH0 solutions, Stage 1a includes the production of Cu(OH)3− and H
+ in 
one elementary step (Eqs. 5.3 and 5.4). The nitrate containing solution with pH0 = 6.5 (blue in 
in Figure 5.6) showed the decrease in pHt to 5.5 ± 0.1, associated with Stage 1a. This 
elementary step is not dependent on the oxidant type, as shown in the previous section. Thus, 
although nitrate has been reported to contribute to the oxidation of copper,13,34,35 the 
mechanism of corrosion is unaffected by the additional oxidizing power. The [CuII(sol’n)] yield 
at the end of Stage 1a was 8 μM (blue in Figure 5.6), which is comparable to solutions without 
NO3− (10 μM, black in Figure 5.4). 
In Stage 1b, pHt increased with the shift in cupric ion hydrolysis from Cu(OH)3− to 
Cu(OH)+ and Cu(OH)2(solv) (Eq. 5.6) as [Cu
II
(sol’n)]t continued to increase (blue in Figure 5.6). 
When t > 14 h, [CuII(sol’n)]t and pHt plateaued with time as Cu(OH)2 precipitated as a hydrogel, 
as discussed in Section 5.3.1. The plateau in pHt corresponded to the pKa of bicarbonate (6.3 
± 0.1, Eq. 5.5). [CuII(sol’n)]t plateaued at 28 ± 3 μM, a similar value to without nitrate 24 ± 3 
μM.  
Thus, the corrosion mechanism, the dissolution behaviour, and [CuII(sol’n)] yields in 
Stages 1 and 2 were unaffected by the presence of nitrate in solutions of [H2O2]0 = 0.1 mM 
with near-neutral pH0. This is consistent with the finding in Section 5.3.1 that the oxidant type 
or concentration does not affect the overall CuII(sol’n) dissolution behaviour. 
Oxide growth on the surface in the nitrate solutions are shown in Figure 5.7. Less oxide 
growth was observed when NO3− was present (left in Figure 5.7) than in its absence (black in 
Figure 5.4) with the same [H2O2]0 of 0.10 mM. Since NO3− can couple with the reduction of 
Cu(OH)2 to Cu2O, this was a surprising result. This observation indicates that reduction of 
Cu(OH)2 to Cu2O was hindered when NO3
– was present in solution. Although the surface that 
was exposed to NO3
– appeared relatively clean, some localized areas of oxides are seen on the 
surface, such as that presented in the left images in Figure 5.7. This area showed localized 
growth of a small, compact ring of red oxides (Cu2O).  




Figure 5.7 Optical (top two rows) and SEM (bottom two rows) images of copper surfaces after 
exposure to [H2O2]0 = 0.1 mM + [NO3−]0 = 2 mM with pH0 = 6.5 (left) and pH0 4.0 (right) for 
48 h. The black boxes indicate where the subsequent image was taken (from top row to bottom 
row). 
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With pH0 = 4.0, the pH is no longer close to the equivalence point of water and the 
production of OH− via charge transfer at z = 0 increases the pHt throughout all of Stage 1 (t ≤ 
14 h). Accordingly, the pHt of the first measurement was higher than pH0. As discussed in 
depth in Chapter 4, the initial charge transfer reaction should result in the [CuII(sol’n)] 
production rate twice the [H+] consumption rate. However, the observed [CuII(sol’n)] production 
rate was equal to the [H+] consumption in Stage 1 (Figure 5.6) due to the production of 
Cu(OH)+ as the main form of dissolved copper. 
Cu0(m) + H2O2 → Cu(OH)
+ + OH− in Stage 1 (5.8) 
The measured [H+]t during Stage 1 was not significantly affected by the bicarbonate buffering 
system (Eq. 5.5) because pHt remains far from the pKa. During Stage 1, Cu(OH)
+ and OH− 
formed at z = 0, diffused into the bulk solution and consequently [CuII(sol’n)]t and pHt increased. 
With the production of OH− in the interfacial region (via Eq. 5.8), the pH at z = 0 is 
much higher than in the bulk solution. The concentrations of Cu(OH)+ and OH− at z = 0 
increase, shifting the cupric ion hydrolysis equilibrium more to the right and forming 
Cu(OH)2(solv).  
Cu(OH)+ + OH− → Cu(OH)2(solv) → Cu(OH)2(colloid) (5.9) 
This shift in hydrolysis equilibrium at z = 0 causes the rate of increase in pHt
 to slow, observed 
when t ≥ 14 h (pink in Figure 5.6). However, in the bulk solution, where the pH is higher, the 
main form of cupric ions continues to be Cu(OH)+ and thus, the increase in pHt does not cease, 
as shown in Figure 5.6.  
With increasing time and concentration of cupric ion species, Cu(OH)2 precipitates as 
colloids in the interfacial solution. The volume of solution in which colloids are forming is 
smaller than when they form in the bulk solution (i.e., in pH0 near neutral solutions), and 
therefore, the rate of colloid agglomeration into a hydrogel is faster in these solutions. The 
hydrogel that grows in the interfacial solution also has a higher colloidal density than hydrogels 
that form in the bulk solution.  
   Chapter 5 
115 
 
The diffusion of Cu2+(sol’n) from z = 0 to z = δdiff is hindered by the thick hydrogel layer 
that covers the surface at t ≥ 14 h. However, as described in Chapter 4, the transport of OH− 
is not affected by the hydrogel layer, and thus, its concentration continues to increase until the 
solubility equilibrium is achieved. The hydrogel was observed as blue patches in the optical 
images (right in Figure 5.7) that were invisible in SEM because they are very thin and conform 
to the metal grinding lines. Stage 2 was observed for t ≥ 14 h, when [CuII(sol’n)] plateaued at 94 
± 13 μM. This plateau in copper concentration was higher than that in near neutral pH0 (28 ± 
3 μM, blue in Figure 5.6) and in solutions with 100 times larger [H2O2]0 (49 ± 7 μM, brown 
in Figure 5.3).  
In pH0 = 4.0 solutions, the H2O2 consumption was initially faster but the final percent 
of H2O2 consumed was lower than in pH0 = 6.5 solutions. This is the opposite for what would 
be expected if the H2O2 consumption corresponds exactly to [Cu
II
(sol’n)] dissolution. In both 
nitrate solutions, the amount of H2O2 consumption is higher than Cu
II
(sol’n) production (opposed 
to 1:1 ratio required if all the H2O2 was consumed to produce Cu
II
(sol’n), Eq. 5.4), indicating 
another H2O2 removal path (e.g., Cu(OH)2 reduction to Cu2O). Moreover, the extent of H2O2 
consumption is higher than in the absence of nitrate than without nitrate. It is possible that 
H2O2 is oxidized by NO3− in the bulk solution via Eq. 5.9, which is faster at a higher pH 
because OH− is a reactant.  
NO3− + H2O2 → NO2− + H2O (5.9) 
The consumption of NO3− and H2O2 via Eq. 5.9 is in a 1:1 molar ratio, and so the maximum 
amount of NO3− that could be consumed is 0.08 mM, with 80 % consumption of H2O2 (Figure 
5.6), leaving 1.92 mM of NO3− in solution. Thus, even if all H2O2 consumption occurred via 
Eq. 5.9, the effects of NO3− on Cu
II
(sol’n) dissolution can still be investigated in this section.  
Regardless of pH0, a comparison of the optical images with (Figure 5.7) and without 
nitrate (Figure 5.4) indicate that the presence of nitrate hindered the rate of precipitation of 
Cu2O. That is, less oxide growth was observed when the solution contained nitrate. This is 
attributed, not to the presence of NO3−, but the removal of H2O2 via Eq. 5.9. The consequence 
of this H2O2 removal is that less H2O2 is available to reduce Cu(OH)2. However, in the presence 
of a continuous flux of γ-radiation, H2O2 is produced at a constant concentration allowing it to 
   Chapter 5 
116 
 
be available at later corrosion stages when Cu2+(sol’n) accumulates to a concentration that can 
couple with H2O2 oxidation. The results in this section show that the presence of NO3− has no 
effect on the copper dissolution rate or yield. However, the production of HNO3 via radiolytic 
humid air decomposition lowers the pH, which was observed to have a large effect on the 
overall copper corrosion. 
5.3.4 Effects of Acidic Initial pH on Copper Dissolution Kinetics and Cu2O Precipitation 
The time-dependent behaviour during copper corrosion in solutions of [H2O2]0 = 10 
mM with an unadjusted pH0 of 4.0 is shown in Figure 5.8. This experiment was originally 
performed to compare with solutions with varying [H2O2]0 (i.e., in Section 5.3.1), but it was 
found that it was more comparable to other solutions with pH0 = 4.0 (pink in Section 5.3.3), 
regardless of the oxidant concentration. Thus, this section investigates the effects of the 
lowered pH0 on Cu
II
(sol’n) dissolution. 
In solutions of [H2O2]0 = 10 mM and pH0 = 4.0 (Figure 5.8), the first measured pHt 
was higher than pH0, indicating the first elementary step was Eq. 5.8, not Eq. 5.4. Stage 1 was 
observed when t < 14 h, during which the increases in [CuII(sol’n)]t and pHt are approximately 
equal and the main form of dissolved copper is Cu(OH)+. The accumulation of cupric and 
hydroxide ions in the interfacial region, causes the shift in hydrolysis equilibrium and 
precipitation of Cu(OH)2 colloid particles (Eq. 5.9). Stage 2 begins when the Cu(OH)2 
hydrogel forms in the interfacial solution, during which [CuII(sol’n)]t is constant with time, 
observed when t ≥ 14 h (Figure 5.8). The [CuII(sol’n)]t plateau was at 120 ± 20 μM, which was 
a more comparable value to the solutions containing 0.1 mM H2O2 and 2 mM NO3− with pH0 
= 4.0 (94 ± 13 μM, pink in Figure 5.6) than the value with the same concentration of [H2O2]0 
(10 mM) and higher pH0 (49 ± 7 μM, brown in Figure 5.3). This clearly demonstrates that the 
pH0, not [H2O2]0, has a large impact on the copper concentration yield.  
  




Figure 5.8 Time-dependent behaviours of [CuII(sol’n)] (top row), pH (middle row), and H2O2 
consumption (bottom row) in [H2O2]0 = 10 mM solutions with pH0 = 4.0.  
The optical images of the surface during corrosion in pH0 = 4.0 is shown in Figure 5.9. 
The general surface remains relatively clean, with oxide growth appearing on the edges of the 
coupon. The surface after exposure to pH0 = 4.0 solutions (Figure 5.9) show less oxide growth 
than after exposure to pH0 = 6.5 solutions (Figure 5.4). This is consistent with oxidation of 
H2O2 producing Cu2O, as it is a pH dependent reaction and is faster in high pH (high [OH
–]) 
solutions. Furthermore, the H2O2 consumption in solutions with pH0 = 4.0 (bottom row in 
Figure 5.8) increases slower and the total amount of H2O2 consumed is lower relative to that 
in pH0 = 6.5. These observations of H2O2 consumption are consistent with a lower amount of 
Cu(OH)2 reduction to produce Cu2O (Eq. 5.7).  




Figure 5.9 Optical images of the copper surfaces after exposure to [H2O2]0 = 10 mM with pH0 
= 4.0 at 0.5, 24, and 48 h of corrosion. 
The results presented in this section showed that the decrease in pH0, not [H2O2]0 
determines the time-dependent [CuII(sol’n)] behaviour, and thus the overall corrosion behaviour. 
It was also shown that the lower pH during precipitation will slow the H2O2 reduction reaction 
and hinder the growth of Cu2O. These results decouple the effects of radiolytically produced 
acidic products and H2O2 and will help in the analysis of corrosion in the presence of radiation.  




The effects of the presence of continuous radiation are more complicated than can be 
studied with the one-time addition of molecular radiolysis products. However, this study 
served to decouple the effects of the main radiolysis oxidants, H2O2 and NO3−, and the decrease 
in pH due to radiation on the cupric ion dissolution behaviour at initial corrosion times.  
This chapter has shown that for a given pH0, the oxidant type and concentration do not 
affect copper dissolution behaviour during corrosion. The oxidants investigated were O2, H2O2, 
and NO3− − all molecular oxidants are produced via water and humid air radiolysis. The 
precipitation of Cu2O is dependent on [H2O2]0, where a higher initial concentration of H2O2 
leads to more Cu2O growth due more redox coupling between the species. Less Cu2O growth 
was observed in the nitrate-containing solutions, due to H2O2 consumption by nitrate, leaving 
less in solution to reduce cupric ions. As H2O2 reduction is faster at higher pH values, more 
Cu2O growth was observed in the higher pH solutions, confirming that the Cu2O growth occurs 
via Cu(OH)2 reduction. Finally, it was shown that the pH0 had a much greater effect on the 
initial copper dissolution than the oxidizing power of the solution. The results in this chapter 
will contribute to the understanding of the effect of radiolysis products on the copper 
dissolution behaviour when determining the corrosion mechanism.  
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CHAPTER 6. EFFECTS OF RADIATION ON THE COPPER CORROSION 
PROGRESSION  
6.1  INTRODUCTION 
Corrosion (the loss of metal from the solid metal phase) is an interfacial charge and 
mass transfer process. It occurs through the oxidation of solid metal (e.g., Cu0(m)) to the soluble 
metal cation (e.g., Cu2+), coupled with the reduction of oxidant (e.g., O2 to OH−), at the metal-
solution interface (z = 0) (Eq. 6.1) and the transport of species between the interface (z = 0) 
and the bulk solution (z = δdiff) (Eq. 6.2). 
Interfacial charge and mass transfer reactions at z = 0: 
Ox. half-reaction: Cu0(m) ⇄ Cu2+ + 2 e−  (6.1a) 
Red. half-reaction:  O2 + 2 H2O + 4 e− ⇄ 4 OH− (6.1b) 
Overall reaction:  2 Cu0(m) + O2 + 2 H2O ⇄ 2 Cu2+ + 4 OH− (6.1c) 
The subscript (m) represents the metal phase and the species without phase designations are 
all solvated species.  
Transport of reactants and products through the diffusion layer (0 < z < δdiff): 
Cu2+|z = 0 ⇝ Cu2+|z = δdiff (6.2a) 
O2|z = δdiff ⇝ O2|z = 0 (6.2b) 
OH−|z = 0 ⇝ OH−|z = δdiff (6.2c) 
where δdiff is the diffusion length. The solution from z = 0 to z = δdiff will be referred to as the 
interfacial solution. The bulk solution phase begins where the redox species (O2, OH− and 
Cu2+) can be treated as homogeneously distributed, i.e., the bulk solution begins at z = δdiff.  
Because the overall process of corrosion involves interfacial electron and mass transfer 
reactions and mass transport through the solution phase, the rate of corrosion depends strongly 
on the redox and transport conditions of the solution in contact with the metal.  
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Previous studies on corrosion dynamics without radiation present,1-6 including the 
studies presented in Chapters 4 and 5, have shown that under certain redox and transport 
conditions the dissolved metal cation can accumulate quickly and reach its saturation or 
supersaturation level and subsequently precipitate as colloid particles. As the colloid 
concentration increases, they can aggregate and grow a hydrogel network. If the hydrogel layer 
growth is in the interfacial region, it can significantly alter the metal cation transport (Eq. 6.2a) 
rate which, in turn, affects the interfacial charge transfer (Eq. 6.1) rate and, hence, the overall 
rate of metal loss.  
The metal cation in the interfacial solution, either in the dissolved or colloidal state, can 
oxidize or reduce to less soluble species (e.g., oxidation of soluble ferrous to nearly insoluble 
ferric species during carbon steel corrosion,3 reduction of soluble cupric to insoluble cuprous 
species during copper corrosion4,5). The production of less soluble species accelerates the 
growth of the hydrogel network, i.e., it accelerates the increase in colloid particle concentration 
and cuprous content (ferric content during carbon steel corrosion) in the hydrogel layer. With 
time, the mixed metal hydroxides in the hydrogel layer can convert to thermodynamically more 
stable metal oxide crystals.  
Thus, if dissolved metal cations (the initial metal oxidation product) can accumulate 
and grow as metal hydroxide hydrogel in the interfacial region, the overall corrosion dynamics 
(the time-dependence of metal loss) can change as corrosion progresses. The previous studies 
referred to above found that, due to cyclic feedback between the initial oxidation of metal to 
soluble metal cation and later chemical and electrochemical reactions of the initial and 
intermediate metal oxidation products, corrosion of transition metal progresses through distinct 
periods having characteristic (quasi-) steady-state rates. These quasi-steady states are referred 
to as dynamic stages, with the transition between one dynamic stage to another occurring over 
a much shorter duration than the durations of the individual dynamic stages themselves. These 
studies found that the duration of each stage and the overall corrosion rate within it depend 
strongly on the solution redox and transport parameters. 
As described earlier, water and humid air exposed to γ-radiation decompose into redox-
active (mainly H2O2) and acidic species (mainly HNO3) that can affect the rates of individual 
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elementary steps, including those that determine the overall rate of corrosion in each stage (the 
rate determining step). Their continual production means they can affect all dynamic stages − 
even those at that occur after long times − and may affect the rates of each stage differently. 
The effects of H2O2, NO3−, and H
+ on the initial corrosion dynamics were decoupled in 
Chapter 5. Comparison of the time-dependent behaviours of corrosion products in the 
presence and absence of radiation will provide insight into the underlying processes that are 
affected by the presence of -radiation and how the overall corrosion rates in all dynamic stages 
are affected.  
This chapter presents a study on the effects of γ-radiation on the corrosion dynamics of 
copper under stagnant water droplets. Corrosion experiments were performed using droplets 
of pure water with an unadjusted initial pH (7.0), previously purged with CO2-free air to 
prevent bicarbonate/carbonate pH buffering and complexation with the metal cation from 
affecting the corrosion behaviour. (The study on the effects of CO2 on copper corrosion is 
presented in Chapter 7). The experiments were conducted in the absence and presence of a 
continuous flux of γ-radiation at a dose rate of 2.0 kGy/h. The corrosion dynamics were 
followed by analysing both dissolved and solid corrosion products as a function of corrosion 
duration. The post-test analyses include surface morphology and chemical/elemental 
composition of oxide deposits using optical microscopy, SEM, EDX, and Raman spectroscopy, 
and measurement of the dissolved (and dispersed) metal concentration using ICP-OES, and the 
pH change using a micro-pH meter. 
6.2  EXPERIMENTAL 
6.2.1 Materials and Solutions 
All experiments were performed with high purity copper (99.9% purity) coupons made 
from wrought copper samples (provided by SKB, the Swedish Nuclear Waste Management 
Company) with an exposed surface area of 0.785 cm2. The top surface of the copper coupons 
was ground using silicon carbide papers (Buehler, Inc., Wooster, OH) with grit size 400, 800, 
and 1200 in succession. Diamond polished coupons (data presented in Section 6.3.6) were not 
ground; after fabrication they were polished using a 1 μm MetaDi diamond suspension 
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(Buehler, Inc., Wooster, OH). The coupons were then washed with deionized water, dried 
under flowing Ar(g) and placed in a 20 mL vial sealed with an aluminum crimp cap with a 
polytetrafluoroethylene (PTFE)-coated silicone septum (Thermo Fisher Scientific, Waltham, 
MA). More information on this procedure is outlined in Section 3.1. All solutions used in this 
study were prepared using water purified with a NANOpure Diamond UV ultra-pure water 
system (Barnstead International, Dubuque, IA) to give a resistivity of 18.2 MΩcm.  
The coupon vial and solutions were purged with zero air (i.e., air with 0 ppm CO2) 
(Praxair, Danbury, CT) via the procedure in Section 3.1.2. 100 μL of the sample solution was 
placed on the copper surface by injection into the sealed vial through the silicon septum using 
a syringe. Radiation experiments were performed using a MDS Nordion (Ottawa, ON) Gamma 
Cell 220 Excel 60Co irradiator, as described in Section 3.2, and non-radiation experiments were 
done by leaving the vials on the benchtop, in otherwise the same conditions. 
6.2.2 Post-Test Analyses 
Experiments were terminated by removing the solution from the coupon surface using 
a Pasteur pipette. The copper coupon was washed and dried using Ar(g). Optical images were 
taken using a Leica DVM6A digital microscope, then the coupon was stored under vacuum. 
Scanning electron microscopy (SEM), energy-dispersive X-ray spectroscopy (EDX), and 
focused ion beam (FIB) milling were performed at the Western Nanofabrication Facility using 
Zeiss LEO 1530 and 1540XB instruments. Raman spectroscopy was performed at Surface 
Science Western using a Renishaw (Wotton-under-Edge, UK) Model 2000 Raman 
spectrometer equipped with a MellesGriot (Carlsbad, CA) 35 mW HeNe laser with a 
wavelength of 633 nm. More information on the surface analysis can be found in Section 3.3.  
The pH of the solution was determined using a Thermo Scientific (Waltham, MA) 
Orion 9110DJWP Double Junction Micro-pH Electrode. The solution was then diluted to 
quantify the dissolved copper concentration using inductively coupled plasma optical emission 
spectroscopy (ICP-OES) (PerkinElmer Avio 200 ICP-OES) to determine the 
dissolved/dispersed copper concentration. More information on the procedure for solution 
analysis can be found in Section 3.4. 
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6.3  RESULTS AND DISCUSSION  
This chapter investigates the effects of a continuous flux of γ-radiation on copper 
corrosion in small water droplets without CO2. The corrosion dynamics and mechanism 
without radiation are first discussed, then γ-radiation is introduced into the system. To 
determine the kinetics of copper corrosion in the presence of absence of radiation, the evolution 
of dissolved species concentration, including cupric and hydroxide ions, and solid species 
quantity and identity are followed as a function of time. Optical microscopy is used in this 
thesis to investigate the formation of solid products because the colour of the solid corrosion 
product provides information about the copper oxidation state and anion in the complex. It also 
is an efficient tool to determine the spatial distribution of the corrosion products across the 
entire surface. An analysis of the species that create common colours observed during 
corrosion is provided.  
6.3.1  Analysis of Solid Corrosion Product Colour 
Copper species have distinct colours depending on its oxidation state and the 
counter-anion: pure Cu0 is an orange-red colour, pure Cu2O is red-pink, pure CuO is black, 
pure Cu(OH)2 is blue (Figure 6.1), and various Cu
2+-OH-X complexes (where X represents 
other anions, such as CO3−, NO3−) are green to blueish green. The copper species formed during 
corrosion are unlikely to be in a pure chemical phase and/or are likely to be highly hydrated, 
which can change the intensity and tint of the species colour. However, the hue (i.e., the 
observed colour) of each species remains the same and hence, the colour of the corroded 
surface can be used to characterize the main species present on the surface.  
The presence of nanometer thick layers of copper hydroxides and/or oxides on a 
corroded copper metal surface is difficult to detect by SEM and spectroscopic analyses such 
as EDX and Raman. However, due to their high light reflectance, the growth of even very thin 
layers of copper hydroxides and/or oxides causes a colour change.7 Thus, in this study, the 
colour of the copper surface observed via optical microscopy was used to characterize the 
hydroxides and/or oxides that grow or dissolve with time, and their spatial distribution across 
the surface. An additional advantage of optical microscopy over SEM is that it can easily and 
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quickly image large sections of the surface to allow for the determination of general corrosion 
trends across the surface. This section provides characterization of copper hydroxide and oxide 
species grown during corrosion using optical images, corroborated using SEM, EDX, and 
Raman spectroscopic analyses. 
 
Figure 6.1 Optical images of Cu2O, Cu(OH)2 and CuO powders. 
The main colours seen throughout radiolytic corrosion are purple and pink. The SEM 
images of the surfaces of both colours show extensive coverage by large (micron sized) oxide 
crystals, as shown in Figure 6.2. The optical and SEM images of uncorroded copper surface 
are also presented in Figure 6.2 to illustrate the colour and morphological differences of the 
surface after corrosion. The EDX analysis gave a Cu:O atomic ratio of 2.1 for the pink-
coloured surface and 0.9 for the purple-coloured surface. The atomic ratios obtained using 
EDX analysis include all species on the surface up to a depth of 1 − 2 μm, which may include 
all solid corrosion products as well as contribution from the underlying Cu0(m). With a pure 
Cu2O sample, the Cu:O atomic ratio would be 2.0, and thus, EDX analysis indicates the pink-
coloured surface is mostly Cu2O. A mixture of equal parts Cu2O and Cu(OH)2 would give a 
Cu:O ratio of 1.0, and thus the EDX analysis suggests the purple-coloured surface is a 
combination of these species.  
Cu(OH)2 and Cu2O have similar Raman shifts, and thus, the relative intensities of the 
characteristic peaks can be used to determine the contribution of the species. Pure Cu2O has a 
sharp peak at 218 cm-1 and peaks at 523 cm-1 and 623 cm-1, where the latter is more intense 
than the former. Pure Cu(OH)2 has a weak (negligible) 218 cm
-1 peak, and a 523 cm-1 peak 
that is more intense than the 623 cm-1 peak (the opposite of the peak intensities in the Cu2O 
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Raman spectrum). Pure Cu0(m) has no Raman peaks because metals do not show the required 
polarizability change.8 Thus, a combination of Cu(OH)2 and Cu2O will have peaks at 218 cm
-
1, 523 cm-1, and 623 cm-1, but with 523 cm-1 and 623 cm-1 peaks of similar intensities. The 
Raman spectra of the pink and purple-coloured surfaces in Figure 6.2 both contain peaks at 
218, 523 and 623 cm-1. The Raman spectrum of the pink-colour surface has an intense 218 cm-
1 peak and the peak at 623 cm-1 is more intense than the one at 523 cm-1, characteristic of Cu2O. 
The Raman spectrum of the purple-coloured surface has a small peak at 218 cm-1 and peaks of 
equal intensity at 523 cm-1 and 623 cm-1, indicative of a combination of Cu(OH)2 and Cu2O. 
The Raman analysis is consistent with the results from the EDX analysis and the colour of the 
surface. 
The EDX and Raman analyses presented in Figure 6.2 indicate that the pink oxide 
crystals mostly consist of Cu2O, consistent with the expectation from the pink colour. On the 
other hand, the lower Cu:O atomic ratio, equal 523 cm-1 and 623 cm-1 peak intensities, and 
weak 218 cm-1 peak indicate that the purple colour results from pink Cu2O crystals covered by 
a gel-like layer of blue Cu(OH)2. However, despite the two distinct colours, the morphologies 
observed in the SEM images of the pink and purple surfaces are the same as that of Cu2O 
crystals. SEM could not detect any morphological change due to the deposition of Cu(OH)2 
hydrogel onto the Cu2O crystals because the hydrogel layer was thin and conformed to the 
Cu2O crystal shape, which is discussed in detail in this chapter. 




Figure 6.2 Optical images (with Cu:O ratio from EDX analysis) (top row), SEM images 
(middle row), and Raman spectra (bottom row) of the pure Cu0(m) surface (before corrosion, 
left column), and pink- (middle column) and purple-coloured surfaces (right column) observed 
during copper corrosion. 
Other oxide colours observed on the surface during corrosion are blue and yellow, 
shown in Figure 6.3. The yellow colour was seen on top of the metallic surface at early 
corrosion times (left in Figure 6.3) or next to blue and purple oxides at late corrosion times 
(right in Figure 6.3). As Cu2O crystals decrease in size, their bandgap increases due to quantum 
confinement shifting their colour from red to yellow and thus, the yellow colour indicates this 
area is covered in seed Cu2O crystals. Indeed, small Cu2O crystals are often reported as 
yellow.9-12  The SEM images (left two SEM images in Figure 6.3) confirm that the yellow 
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oxides are smaller (hundreds of nm) than the pink/purple crystals and the Raman spectrum of 
the yellow crystals show the Cu2O characteristic peaks (intense 218 cm
-1 peak, and intense 623 
cm-1 peak compared to the 523 cm-1 peak). Thus, the yellow crystals growth during copper 
corrosion are small, seed Cu2O crystals.  
A bright blue colour is also commonly observed on the copper surface during corrosion 
(Figure 6.3). SEM images show the blue surface is smooth without crystalline oxides; 
however, underneath the smooth surface, there are large Cu2O crystals. The Cu:O atomic ratio 
(of 1.5) and Raman spectrum (with a weak 218 cm-1 peak, and equal intensity peaks at 523 and 
623 cm-1) both indicate that the blue surface is a combination of Cu2O and Cu(OH)2. The blue 
colour is indicative of Cu(OH)2 and the smooth surface is due to the spread of the hydrogel.
13 
Thus, the blue surface is a thick layer of Cu(OH)2 covering Cu2O crystals. Furthermore, the 
Cu(OH)2-covered Cu2O crystals can range from bright blue − when the Cu(OH)2 layer is thick 
and is the main species contributing to the observed colour − to purple − when the Cu2O 
crystals are large and blue Cu(OH)2 and red Cu2O both contribute to the observed colour.  




Figure 6.3 Optical images (with Cu:O ratio from EDX analysis) (top row), SEM images 
(middle row), and Raman spectra (bottom row) of the yellow- (left column) and blue-coloured 
(right column) surfaces during copper corrosion. The colour of the surface is labelled in the 
optical and SEM images. 
The qualitative characterizations of the coloured areas on the corroded copper surfaces 
are summarized in Table 6.1. The yellow and pink-coloured areas represent those covered 
mainly with Cu2O crystals of small, seed (submicron sized) crystals and large (micron sized) 
crystals, respectively. The purple and blue-coloured areas are those with Cu(OH)2 hydrogel-
covered Cu2O crystals. A thin hydrogel layer on top of the Cu2O crystals results in a purple-
coloured surface, and the thicker the hydrogel layer is on top of the Cu2O crystal, the bluer the 
surface appears. From this analysis, the colours in optical images were used in this thesis to 
determine the time progression and spatial distribution of oxides during corrosion. 
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Table 6.1 The identity of coloured surfaces observed during copper corrosion. 
Colour of Film 
Identity based on colour, SEM images, 
EDX, and Raman spectroscopy. 
Yellow Small Cu2O crystals. 
Pink Cu2O crystals. 
Purple 
Thin Cu(OH)2 hydrogel layer covering 
Cu2O crystals. 
Blue 
Thick Cu(OH)2 hydrogel layer covering 
Cu2O crystals. 
 
6.3.2  Corrosion Progression Without Radiation  
The changes in the time-dependence of corrosion products ([OH−], [CuII(sol’n)], and the 
amount of oxide deposits) indicate that the elementary steps that affect the overall rate of metal 
oxidation change as time progresses. Thus, the time-averaged behaviour of these species (i.e., 
pH, [CuII(sol’n)], and solid corrosion products) can be used to describe the general corrosion 
mechanism. A dynamic stage represents a period over which the overall metal loss process 
occurs through the same rate-determining steps (RDS).4,5 A robust chemical dynamic model 
should have a same reaction mechanism (i.e., same RDS), irrespective of reaction conditions. 
The same RDS in a given stage does not mean that the actual values of the overall rate and 
yield in the stage do not vary with initial solution redox and transport conditions, but they will 
vary according to the kinetics of the elementary steps. 
The time-dependent behaviours of log([CuII(sol’n)]), pH, and the surface morphology and 
colour observed during copper corrosion in stagnant droplet solutions free of CO2/carbonate 
are presented in Figure 6.4. The results show that copper corrosion in CO2-free-air saturated 
solutions without radiation present progresses through the same dynamic stages as observed in 
previous studies,4,5 including those presented in Chapters 4 and 5, (up to Stage 3 by 480 h) 
although the duration of each stage, and the rates and the yields of corrosion products 
(dissolved ions and hydroxide/oxide deposits) in each stage are different. The key observations 
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of the time-dependent behaviour of corrosion products are presented below, as well as their 
stage designation, which will be discussed in depth in this chapter. 
Stage 1a:  By the first measurement (t = 16 h), log([CuII(sol’n)]) increased to −4.5 ± 0.1 
and pHt decreased from a pH0 of 7.0 to 4.7 ± 0.1. The corresponding 
increases in [CuII(sol’n)] and [H
+] were 0.03 ± 0.01 mM and 0.02 ± 0.01 mM, 
respectively. That is, the production rates of CuII(sol’n) and H
+ were nearly 
the same, and [H+]t was significantly higher than [H
+]0. No significant 
granular oxide deposits were observed on the surface. The metal grinding 
lines increased in roughness. 
Stage 1b: For 16 h < t ≤ 40 h, both [CuII(sol’n)]t and pHt increased with time. The pHt 
increased to a steady-state value of 8.4 ± 0.1, corresponding to the pKa of 
Cu(OH)+. The concentration product, [CuII(sol’n)]t × [OH−]t
2, was higher than 
the Ksp of Cu(OH)2, i.e., the solution was supersaturated in this time period. 
Nevertheless, the surface remained clean, with no colour change or granular 
oxide deposits, but the metal grinding lines appeared smoother due to metal 
loss. 
Stage 2: For 48 h ≤ t < 200 h, log([CuII(sol’n)]t) and pHt fluctuated with time around 
average values. The time-averaged values were nearly constant with time: 
−3.6 for log([CuII(sol’n)]t) and 8.4 for pHt, and the corresponding [Cu
II
(sol’n)]t 
was 0.3 ± 0.2 mM and [OH−]t was 2.8 ± 0.4 μM. The concentration product 
remained higher than the Ksp of Cu(OH)2. The surface became smoother 
while remaining free of granular oxide deposits. Images of these surfaces 
show a few small patches of dried hydrogel. 
Stage 3: At the longest time (480 h), the colour of the surface became 
orange-yellow, indicating uniform growth of small Cu2O crystals across the 
surface. [CuII(sol’n)]t remained close to the average value in Stage 2 (0.5 mM) 
while the pHt decreased to 6.6 ± 0.1, and the solution approached the 
Cu(OH)2 solubility equilibrium.  
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Each corrosion test was conducted using a freshly polished copper coupon and freshly 
prepared solution (free of corrosion products) and the presented results are from ex situ 
analyses. That is, the individual data points in each graph in the figure (Figure 6.4 as well as 
others presented in this thesis) are from different copper coupons. The durations of the stages 
given above are based on averaged surface and solution behaviour. However, different regions 
of a particular coupon may progress through the same stages at slightly different rates, due to 
variations in surface energy and solution conditions adjacent to the surface. While the 
difference in rates may be small (e.g., a factor of two) at early times when the reactions of the 
initial products are not significant, the variance in the overall rate will increase as the reactions 
of the intial and intermediate products become rate-controlling and may result in large 
variances in concentrations of dissolved species or surface phenomena after long corrosion 
times. The variances in rate may widen due to systemic feedback (i.e., cyclic feedback loops 
established between elementary steps).3,4,14 As a result, a particular quantity measured after a 
specific corrosion time in different corrosion tests may have a large distribution around an 
average value, but the magnitude of this distribution does not necessarily reflect the magnitude 
of the initial spatial variations on copper surface or in solution parameters. Furthermore, there 
may be variations in the time at which the transition from one corrosion stage to another occurs. 
However, a corroding system is a macroscopic chemical system (even for localized corrosion) 
and thus, the general corrosion mechanism presented in this thesis represents the time-
dependent corrosion behaviour. The time-dependent outliers presented in this data are a result 
of the systemic feedback causing large variations in the data, not due to the general corrosion 
behaviour. This was confirmed in Chapter 4, where despite time variations, the 
log([CuII(sol’n)])-pH relationship was consistent. 




Figure 6.4 Time-dependent behaviour of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical and SEM images) during copper corrosion after exposure to a 100 µL 
droplet of pure water (purged of CO2, pH0 = 7.0) in the absence of γ-radiation. The black dotted 
lines indicate the general trends of the solution species. 
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Based on the observed time-dependent behaviours of corrosion products and durations 
of individual stages as a function of solution redox and transport parameters we have proposed 
a copper corrosion mechanism in which the RDS evolves as corrosion progresses, as 
schematically presented in Figure 6.5. The elementary reactions and transport processes that 
control the overall metal loss rate in each stage, and how the transition from one stage to the 
next occurs are described below. For convenience, mass transport through the solution phase 
is treated as a 1-D process in the following discussion. 
 
Figure 6.5 Copper corrosion mechanism in the absence of ionizing radiation, where the white 
arrows indicate electron transfer reactions. 
In Stage 1, the main corrosion product was the dissolved cupric ion formed via 
interfacial charge transfer at z = 0 (Eq. 6.1).4 The charge transfer step may involve intermediate 
steps. For example, the reduction of O2 to OH− at z = 0 (Eq. 6.1b) is known to occur in two 
2-e transfer steps, where the first step is the reduction of O2 to H2O2, and is followed by the 
reduction of H2O2 to OH−.
15,16 
1st 2-e transfer: O2 + 2 H2O + 2 e− ⇄ H2O2 + 2 OH− (6.3a) 
2st 2-e transfer: H2O2 + 2 e− ⇄ 2 OH− (6.3b) 
Overall e-transfer: O2 + 2 H2O + 4 e− ⇄ 4 OH− (6.3c) 
During corrosion in solutions initially free of H2O2 and Cu
2+, the transport of the intermediate 
product, H2O2, from z = 0 to z = δdiff is significantly slower than its reduction to OH− at z = 0 
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(Eq. 6.3b). Thus, under these conditions, it is not necessary to determine the amount of H2O2 
in the solution phase and the transport step of H2O2 through the interfacial solution does not 
need to be included in the corrosion mechanism. 
On inert metal surfaces, the RDS of the overall process of O2 reduction to OH− can 
change from the 1st 2-e transfer step (Eq. 6.3a), to transport of O2 from the bulk solution to the 
interface (Eq. 6.2b), to the 2nd 2-e transfer step (Eq. 6.3b), depending on the polarization 
potential applied to the metal electrode.15 In corrosion, O2 reduction is coupled with metal 
oxidation, and mass and charge conservation during natural corrosion dictate that the rates of 
the half-reactions must be the same. However, that does not mean that the two half reactions 
contribute equally to the rate of the overall reaction. Although there is a prevailing assumption 
that the O2 reduction half-reaction is rate limiting in all corrosion systems,
2,5,6,17,18 the metal 
oxidation half-reaction involves interfacial transfer of mass as well as of electrons, therefore it 
is generally slower than O2 reduction. Hence, the RDS of the full corrosion reaction in Stage 1 
is typically the metal oxidation half-reaction. To model the overall corrosion rate in Stage 1 as 
a function of solution parameters in the absence of radiation, O2 reduction to OH− can be treated 
as a single 4-e transfer step.  
The other half-reaction involved in the interfacial charge transfer at z = 0 is the transfer 
of metal atom from the solid metal phase to the solution phase (Eq. 6.1a). The metal oxidation 
half-reaction may also occur through two 1-e transfer steps: the oxidation of Cu0(m) to Cu
I
 
adsorbed on the metal surface (indicated by the subscript “(ads)”), followed by the oxidation 
of CuI(ads) to Cu
II
(ads) and the subsequent desorption and solvation of Cu
II
(ads) to Cu
2+ at the metal 
surface: 
1st 1-e transfer: Cu0(m) ⇄ CuI(ads) + e− (6.4a) 
2nd 1-e transfer: CuI(ads) ⇄ CuII(ads) + e− (6.4b) 
Desorption/solvation: CuII(ads) ⇄ Cu2+|z = 0 (6.4c) 
Overall charge transfer: Cu0(m) ⇄ Cu2+|z = 0 + 2 e− (6.4d) 
Because the desorption/solvation of nearly insoluble CuI(ads) is negligible compared to the 
electron-transfer steps (Eqs. 6.4a and 6.4b), it is not considered to be a RDS of the overall 
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oxidation of Cu0(m) to Cu
2+. The desorption/solvation of CuII(ads) (Eq. 6.4c) is an interfacial 
mass transfer process and hence, it is much slower than the preceding two electron transfer 
steps (Eqs. 6.4a and 6.4b). Hence, the overall interfacial charge transfer step at z = 0 (Eq. 6.4) 
can be represented as a single elementary step when determining the oxidation rate of Cu0(m) 
to Cu2+ at z = 0 in Stage 1, when the solution is not saturated with cupric ions.  
Thus, it is sufficient to assume that the metal oxidation half-reaction (Eq. 6.3) and the 
O2 reduction half-reaction (Eq. 6.4) at z = 0 occur in one elementary step for determination of 
the overall corrosion damage in air-saturated solutions without radiation present in Stage 1.  
In the absence of any other reactions involving Cu2+ and OH− in the interfacial solution 
region (0 ≤ z ≤ 𝛿diff), the overall metal oxidation to Cu
2+ dissolved in solution occurs in two 
sequential steps: the interfacial charge transfer step to inject Cu2+ at z = 0 (Eq. 6.3 coupled 
with Eq. 6.4, i.e., Eq. 6.1), followed by diffusion of Cu2+ from the interface to the bulk solution 
(Eq. 6.2a). As discussed in Chapter 4, this two-step metal oxidation occurs in small solutions 
with pH0 ≤ 2.0. However, in solutions with pH0 > 2.0, the hydrolysis equilibrium reactions 
(Eq. 6.5) are not negligible in the interfacial solution (0 ≤ z ≤ δdiff):  
Cu2+ + 2 OH− ⇌ Cu(OH)+ + OH− ⇌ Cu(OH)2(solv) + H2O ⇌ Cu(OH)3− + H+ (6.5) 
where all of the cupric species in this chemical equation are solvated species, but the phase 
designation (solv) is given only to the neutral species Cu(OH)2 to distinguish it from its solid 
form. The forward and reverse reactions of acid-base equilibria are very fast. Hence, once in 
solution, the dissolved cupric ion exists in various chemical forms and all the hydrolyzed 
species will be collectively referred to as Cu2+(sol’n). 
Cu2+(sol’n) ≡ Cu
2+ + Cu(OH)+ + Cu(OH)2(solv) + Cu(OH)3− (6.6) 
The relative amounts of the different chemical forms of Cu2+(sol’n) are determined by the pKa 
values of the hydrolysis equilibria (Eq. 6.5) and hence, are a function of the total dissolved 
cupric ion concentration ([Cu2+(sol’n)]) and [OH−]. During corrosion, these concentrations 
change with time (t) and with distance from the interface (z). The experimentally determined 
values for [H+]t (based on pHt) and [Cu
II
(sol’n)]t (which includes both dissolved (Cu
2+
(sol’n)) and 
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dispersed copper species) are values that are averaged across z within the entire solution 
volume, as discussed in Section 4.3.1.  
The hydrolysis equilibrium (Eq. 6.5) can change the [H+]t (or [OH−]t) in the interfacial 
solution. In pH0 > 2.0 solutions, the change in [H
+]t (Δ[H+]t) is significant enough that [H+]t 
cannot be approximated as constant, remaining at the initial value [H+]0. For 2.0 < pH0 ≤ 4.0, 
pHt increases ([H
+]t decreases) with time (but pHt along the diffusion path still remains in the 
acidic range), which causes a shift in the hydrolysis equilibrium (Eq. 6.5) towards the 
formation of Cu(OH)+. Accordingly, the measured metal concentration in solution at time t 
([CuII(sol’n)]t) (in solutions initially free of dissolved copper) was observed to be the same as 
−[H+]t (not −[H
+]t). That is, in Stage 1 the metal dissolution rate (𝑑𝑖𝑠𝑠) is the same as the 
proton consumption rate (−𝐻+) and they are both constant with time.  
Δ[CuII(sol’n)]t (= [Cu
II
(sol’n)]t) ≈ − Δ[H
+]t (≠ − [H
+]t) in Stage 1 for 2.0 < pH0 ≤ 4.0 
   (6.7a) 
𝑑𝑖𝑠𝑠 ≈ −𝐻+ ≈ constant with t (6.7b) 














When pH0 is near neutral, a small addition of OH− can change [H
+]t or [OH−]t 
substantially. Thus, initial metal oxidation coupled with oxidant reduction at z = 0 (Eq. 6.1) 
can increase [OH−]t in the interfacial solution substantially, which shifts the hydrolysis 
equilibrium far to the right nearly immediately. Hence, the main chemical species being 
transported into the solution are Cu(OH)3− and H
+, rather than Cu2+ and OH−. Because these 
reactions occur very quickly, they can be considered as one elementary step occurring at z = 0 
(Eq. 6.8). 
Cu0(m) + ½ O2 + 2 H2O → Cu(OH)3− + H
+    in Stage 1a for 6.0 ≤ pH0 ≤ 9.0 (6.8) 
Following their production, Cu(OH)3− and H
+ diffuse away from the metal surface through the 
interfacial solution.  
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Cu(OH)3−|z = 0 ⇝ Cu(OH)3−|z = δdiff (6.9a) 
H+|z = 0 ⇝ H+|z = δdiff (6.9b) 
Thus, while [CuII(sol’n)]t increases with time, [H
+]t ( [H
+]t) does not decrease, but increases 








  in Stage 1a for 6.0 ≤ pH0 ≤ 9.0 (6.10a) 
 𝑑𝑖𝑠𝑠 ≠ −𝐻+, but 𝑑𝑖𝑠𝑠 ≈ −−𝐻+  (6.10b) 
In small volume solution droplets free of CO2, the pHt of the first measurement (t = 16 h) had 
decreased from pH0 (7.0) to 4.7 ± 0.1 (middle row in Figure 6.4). With no other acid-base 
equilibria in solution (such as equilibria of carbonate species, discussed in Chapter 7), the 
average concentration of CuII(sol’n) and H
+ increased by the same amount (Eq. 6.10b). In Stage 
1a, the increase in [CuII(sol’n)]t was equal to the increase in [H
+]t and −log([Cu
II
(sol’n)]t) was equal 
to the pHt. 
The increase in [H+]t ( [H
+]t) shifts the hydrolysis equilibrium more and more to the 
left with time, and the dominant chemical form of Cu2+(sol’n) switches from Cu(OH)3− to 
Cu(OH)2(solv) and to Cu(OH)
+, while consuming H+. 
Cu(OH)3− + H
+ → Cu(OH)2(solv) + H2O → Cu(OH)
+ + OH− + H2O    
 in Stage 1b for 6.0 ≤ pH0 ≤ 9.0 (6.11)
 
With the production of Cu(OH)2 at the start of Stage 1b, [H
+]t reaches a maximum (or pHt 
reaches a minimum, the value of which is based on the solution conditions) then subsequently 
[H+]t decreases (pHt increases) with time as Cu(OH)
+ forms. Hence, although the rate of 
increase of [Cu2+(sol’n)]t remains nearly constant (only the dominant chemical form changes 
with time), the rate of change of [H+]t decreases to zero (with the formation of Cu(OH)2) then 
increases (with the formation of Cu(OH)+). The rates of increase of [Cu2+(sol’n)]t and [H
+]t in 








 in Stage 1b when 6.0 ≤ pH0 ≤ 9.0 (6.12a) 
  Chapter 6 
142 
 
 𝑑𝑖𝑠𝑠 ≠ −𝐻+ and 𝑑𝑖𝑠𝑠 ≠ −−𝐻+  (6.12b) 
Because pHt increases over a large range during Stage 1b, the solubility of cupric ions 
decreases substantially (the solubility diagram is shown in Chapter 4, Figure 4.1). However, 
this change in solubility did not influence the copper dissolution rate, which was constant with 
time (9.4 μM/h in Figure 6.4). In fact, in all solutions with pH0 > 2.0, the rate of increase of 
[CuII(sol’n)]t is constant throughout Stage 1 (at different rates depending on solution conditions) 
despite large changes in pHt ([H
+]t) with corrosion time, as discussed in depth in Chapter 4:  
 𝑑𝑖𝑠𝑠 ≈ constant with t  in Stage 1 for pH0 > 2.0 (6.13) 
When a corrosion measurement is taken after one timepoint in different solution pH 
values, the observed corrosion product yield leads to the assumption that the solution pH 
affects the rate of metal oxidation.19-21 However, our time-dependent studies consistently show 
that the pH does not affect the rate of metal oxidation, but that the pH affects the maximum 
amount of metal cation that can be dissolved in the solution (i.e., the solubility of 
Cu(OH)2(solid)). For pH0 > 2.0, [H
+]t is a not a simple function of [H
+]0 but also depends on 
−Δ[H+]t, while −Δ[H
+]t is determined by the rate of metal dissolution as well as the acid-base 
equilibria. Hence, although metal dissolution continues until [Cu2+(sol’n)]t reaches the solubility 
of Cu(OH)2(solid), the increase of [Cu
2+
(sol’n)]t with time induces different changes in [H
+]t 
depending on pH0. This further induces a change in the Cu
2+
(sol’n) saturation capacity of the 
solution with time.  
In solutions with a pH0 near neutral, the bulk solution has a lower pH than at the metal 
surface during Stage 1b and as Cu2+(sol’n) transports through the diffusion layer, its solubility 
decreases with z. Thus, precipitation of Cu(OH)2 as solid colloid particles (Cu(OH)2(colloid))  
occurs in the bulk solution (away from the metal surface) and the colloid particles remain 
dispersed in the bulk solution, as discussed in Chapter 4. The measured concentration of 
copper, then, includes these dispersed particles in Stage 1b. 
[CuII(sol’n)]t ≈ [Cu(OH)
+ + Cu(OH)2(solv) + Cu(OH)2(colloid)]t       
 in Stage 1b for 6.0 ≤ pH ≤ 9.0  (6.14) 
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The formation of colloid particles has a negligible effect on the preceding corrosion reactions 
(i.e., initial overall redox reaction at z = 0 via Eq. 6.1, the diffusion of products away from the 
surface, Eq. 6.2, and cupric ion hydrolysis, Eq. 6.5) thus, despite a change in the main 
dissolved cupric ion species, the rate determining step does not change between Stage 1a and 
1b (i.e., cupric ion diffusion from z = 0) and both stages are considered to be part of Stage 1. 
Throughout Stage 1b, [CuII(sol’n)] and [OH−] continue to increase until the bulk pH 
reaches the pKa of Cu(OH)+ (Figure 6.4).22  
Cu(OH)+ + H2O ⇌ Cu(OH)2(solv) + H+          pKa = 8.3  (6.15) 
That is, when a sufficient amount of Cu2+(sol’n) and OH− have dissolved into the solution to 
establish the acid-base equilibrium, the pKa of the weak acid Cu(OH)+ regulates the pH of the 
bulk solution. This further confirms that Cu(OH)+ and Cu(OH)2(solv) are the main cupric ion 
forms in solution. 
In Stage 1b, the overall flux of metal atoms is from the solid (metal) phase to the 
solution phase then to the solid (colloid) phase (Eq. 6.16).  
Cu0(m) →→ Cu
2+
(sol’n) →→ Cu(OH)2(colloid) (6.16) 
At the end of Stage 1, there was no significant quantity of solid granular products on the 
surface, but the grinding lines had become smoother (bottom row SEM images in Figure 6.4) 
as Cu0(m) had been lost via oxidation and dissolution.  
As the concentration of Cu(OH)2(colloid) particles in the bulk solution increases, the 
frequency of their collisions increases and they agglomerate together in the bulk solution. The 
colloid particles will accumulate water molecules during aggregation due to strong hydrogen 
bonds between the colloid molecules and the surrounding water molecules.23,24 Colloid 
agglomeration results in the formation of a hydrogel, which consists of a network of loosely 
connected Cu(OH)2 colloid (solid) particles with a mobile phase of Cu
II
(sol’n)-saturated solution 
in the interstices.3,25,26 The precipitation of this Cu(OH)2 hydrogel marks the beginning of 
Stage 2. 
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As discussed in Chapter 4, in solutions with pH0 ≤ 2.0, the pHt remains low (≈ pH0) 
for the duration of Stage 1, and thus the solubility of cupric ions remains very high. Under 
these conditions, reaching Stage 2 would take a very long time. In flowing solutions, cupric 
ions may never accumulate enough that they begin to precipitate in Stage 2. In solutions with 
2.0 < pH0 ≤ 4.0, the accumulation of Cu
2+
(sol’n) occurs in the interfacial solution and the 
hydrogel is, consequently, dense and grows next to the metal surface. With the formation of a 
Cu2+-selective layer at the metal surface, OH− continues to transport into the bulk solution until 
the solution pH increases sufficiently for the Cu2+(sol’n) to attain saturation capacity. With a near 
neutral pH0, the evolution of [H
+]t results in the formation of hydrogel in the bulk solution, not 
between the metal and the solution. Thus, Cu2+ and OH− can both continue to transport from 
the metal surface until reaching the (quasi-)solubility limit. Furthermore, hydrogel growth 
occurs within the entire solution, not just the interfacial volume of solution, and thus, the 
hydrogel contains a low density of colloid particles.  
The hydrogel grows as the colloids dispersed in the bulk solution join the solid network 
(i.e., the colloid density increases within the hydrogel). This agglomeration of colloid particles 
does not affect the pHt, which, with no other acid-base equilibria in solution, is buffered at the 
pKa of Cu(OH)+ (Eq. 6.12) and thus [H+]t does not change with time (Figure 6.4).  
 𝑑𝑖𝑠𝑠,−𝐻+ ≈ 0 in Stage 2 for pH0 > 2.0 (6.17) 
When the pH is equal to the pKa of Cu(OH)+, the concentrations of Cu(OH)2(solv) and Cu(OH)
+ 
are equal and the solubility of cupric ions is around its minimum. The time-averaged pH during 
Stage 2 (48 h ≤ t < 200 h) was 8.4 ± 0.1 (Figure 6.4).   
As the hydrogel layer grows, the concentration copper dissolved and dispersed in 
solution remains at an approximately constant value (due to the constant pHt). The time-
averaged [CuII(sol’n)] value during Stage 2 was 0.38 mM (log([Cu
II
(sol’n)]) = −3.4) (Figure 6.4), 
which is above the solubility limit at pHt (8.4 ± 0.1 in Stage 2), due to the inclusion of colloid 
particles in the measurement. 
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The transport of cupric ions through the hydrogel network is slow and slows further as 
the colloid concentration in the hydrogel increases.27 When cupric ions (as dissolved or 
dispersed colloidal species) get trapped next to the metal surface, they can more easily reduce 




Ox half-reaction: Cu0(m) ⇄ Cu2+(sol’n) + 2 e− (6.18a) 
Red half-reaction: 2 Cu2+(sol’n) + 2 e− ⇄ 2 Cu+(sol’n)   (6.18b) 
Overall reaction: Cu0(m) + Cu
2+
 (sol’n) ⇄ 2 Cu+(sol’n)  (6.18c) 
As Cu+(sol’n) dissolves into the solution next to the metal surface, it establishes fast hydrolysis 
equilibria in the mobile phase of the hydrogel (Eq. 6.19) and is incorporated into the hydrogel 
as a solid species (Eq. 6.20). Similar to the cupric ion, dissolved Cu+(sol’n) is the sum of all 
hydrolysis species (i.e., Cu+, Cu(OH)(solv), Cu(OH)2−). 
Cu+ + 2 OH− ⇌ CuOH(solv) + OH− ⇌ Cu(OH)2−  (6.19) 
Cu+(sol’n) + x OH− ⇌ CuOH(solid)  (6.20) 




 →  
mixed CuI/CuII hydroxide hydrogel (6.21) 
The reduction of Cu2+(sol’n)/Cu(OH)2 to Cu
+
(sol’n)/CuOH via Eq. 6.21 accelerates further 
precipitation of Cu(OH)2 colloid particles. The faster growth of hydrogel, in turn, increases the 
rate of CuI formation. That is, a cyclic feedback loop between the formation of Cu(OH)2 
hydrogel (Eq. 6.18) and its reduction to Cu+(sol’n) (Eq. 6.21) is established. 
The formation of the mixed CuI/CuII hydrogel during Stage 2 did not affect the pHt, 
which was buffered at the pKa of Cu(OH)+. This indicates that the cupric ion hydrolysis and 
Cu(OH)2 solubility equilibrium are maintained throughout this stage. That is, the initial metal 
oxidation coupled with solution reduction (Eq. 6.1), diffusion of cupric ions (Eq. 6.2), cupric 
ion hydrolysis (Eq. 6.5), and the precipitation of colloid particles are all in a steady state, while 
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the growth of the hydrogel (including agglomeration of colloid particles and Cu(OH)2 
reduction to CuOH) is controlling the overall rate of metal loss.  
In the absence of radiation, the low [Cu2+(sol’n)] results in a low colloid density in the 
hydrogel during Stage 2, and thus, the hydrogel does not easily stick to the surface to be 
observed by post-test analysis (but is included in the solution analysis). Nevertheless, some 
local observations of the hydrogel are shown in Figure 6.6. The optical images show that the 
hydrogel appears as an amorphous, clear growth on the surface. Although Cu(OH)2 is blue, the 
hydrogel that grows under these conditions is highly hydrated with a low colloid concentration, 
thus the colour is diluted. The Raman spectrum (right in Figure 6.6) has peaks at 523 and 623 
cm-1, with the former slightly more intense, confirming that the clear crystals containing mostly 
Cu(OH)2. 
 
Figure 6.6 Optical images and Raman spectrum of the amorphous, clear hydrogel formed 
during Stage 2 in the absence of radiation. The arrows in the Raman spectrum (right) indicate 
the 523 cm-1 and 623 cm-1 peaks, the intensities of which confirm the species in the optical 
images (left) contain Cu(OH)2. 
In Stage 2, the overall flux of metal atoms is from the metal phase to the solution phase 




I/CuII hydroxide hydrogel (6.22) 
Stage 2 ends when CuOH reaches supersaturation and begins to precipitate as Cu2O. Thus, the 
duration of this stage is dependent on the redox activity of the solution and the dissolved cupric 
ion concentration at the end of Stage 1 and during Stage 2. In CO2-free pure water without 
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radiation, the reduction of Cu(OH)2 to CuOH is slow and [Cu
II
(sol’n)] is low, and accordingly, 
the duration of Stage 2 is longer than in the presence of radiation (shown in the following 
sections). 
The elementary steps to consider in determining the overall corrosion rate in Stage 2 
are those listed in Eqs. 6.3, 6.4, 6.5, 6.18, and 6.21. The rate of the underlying metal oxidation 
to soluble Cu2+(sol’n) is determined by the rate at which Cu
2+
(sol’n) can be removed from the 
saturated solution (i.e., as fast as the Cu(OH)2 colloid particles join the hydrogel network). The 
amount of Cu(OH)2 hydrogel that grows during Stage 2 and its rate of growth is proportional 
to [Cu2+(sol’n)] at the end of Stage 1, which was very low in the studied conditions. The rate of 
hydrogel growth is also dependent on the redox conditions of the solution (due to Eq. 6.18), 
and thus, the rate of hydrogel growth in solutions without radiation is low. However, the fact 
that the corrosion process is able to progress past Stage 2 indicates that the corrosion rate in 
this stage is not zero.  
CuOH is thermodynamically unstable and dehydrates in the hydrogel in Stage 3 to form 
more stable Cu2O crystals.
29,30 
2 Cu+(sol’n) + x OH−
 ⇌ 2 CuOH(solid) → Cu2O + H2O  (6.23) 
The rate of precipitation of Cu2O crystals is dependent on the supersaturation concentration of 
CuOH within the hydrogel. [CuII(sol’n)] at the end of Stage 2 was low and the rate of Cu(OH)2 
reduction to CuOH was low, which suggests the precipitation rate of Cu2O crystals was also 
low in these conditions. Nevertheless, after 480 h, the entire surface was a deep yellow colour 
(optical images in Figure 6.5), indicating that small Cu2O crystals covered the surface (see 
colour analysis in Section 6.3.1). [CuII(sol’n)]t continued to fluctuate around its time-dependent 
average, while the pHt decreased to 6.7 to satisfy the Cu(OH)2 solubility equilibrium with 
copper dissolved in solution (shown in Chapter 4). The previous corrosion reactions are in a 
steady-state and the main corrosion product is Cu2O (Eq. 6.24).  
Cu0(m) →→ mixed Cu
I/CuII hydroxide hydrogel→→ Cu2O (6.24) 
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6.3.3  Corrosion Progression in the Presence of γ-Radiation 
As described in Chapter 5, the energy of γ-radiation transferred to a metal quickly 
dissipates as heat and does not induce any chemical change. However, water and humid air 
exposed to γ-radiation decompose into redox-active (mainly H2O2) and acidic species (mainly 
HNO3). Under a continuous flux of γ-radiation, the radiolysis products reach steady-state 
concentrations and become homogeneously distributed in solution. Hence, the effects of γ-
radiation on the corrosion rate are through the radiolysis products that are distributed 
homogeneously and at near constant concentrations (even though they may be consumed by 
corrosion reactions).  
The steady-state concentrations of radiolysis products depend on not only the radiation 
dose rate but also on solution pH, and the concentration of radical scavengers such as O2 and 
Cl−.31-34 The radiolysis species reach steady-state concentrations homogeneously in solution in 
a short period of time (on a micro- to millisecond timescale) compared to the timescale of 
interfacial mass transfer processes and surface reactions (minutes). Thus, the surface reactions 
of radiolysis products are much slower than their formation reactions in the solution phase. 
The implication of these different reaction rates is that corrosion reactions typically do not 
contribute to the determination of the steady-state concentrations of radiolysis products; 
however, the radiolysis product concentrations may control the corrosion reactions. Hence, the 
radiolysis kinetics that determine the steady-state concentrations do not require a detailed 
kinetic description in terms of their effect on the corrosion process, i.e., there is no cyclic 
feedback between radiolysis and corrosion reactions, as shown schematically in Figure 6.9.  
Because of the different reaction timescales for homogeneous solution and surface 
reactions, the important radiolysis products for corrosion are not the more reactive radical 
species but the more stable molecular products such as H2O2, O2, H
+, NO3−/NO2−. (For ground 
waters that may be highly saline, intermediate chloride radiolysis products such as ClO and 
Cl2 may become important.)    
In the absence of radiation, we have shown that regardless of the particular redox and 
transport condition, copper corrosion progresses through different dynamic stages as the initial 
  Chapter 6 
149 
 
and intermediate corrosion products accumulate significantly and undergo their own reactions. 
Solution redox ([H2O2] and [O2]), pH, and transport conditions affect the rates of different 
elementary steps differently, and thus affect the overall rate of metal loss (through metal 
oxidation) in more complicated ways than would be expected based on linear dynamics. Hence, 
to evaluate the overall effect of radiation on corrosion dynamics, the effects of steady-state 
concentrations of radiolysis products (H2O2 and H
+ in particular) on the kinetics of the 
elementary steps must be examined.   
The time-dependent behaviours of log([CuII(sol’n)]), pH, and the surface morphology and 
colours during radiolytic copper corrosion in stagnant droplet solutions free of CO2/carbonate 
are presented in Figure 6.7. Further analysis of the solid deposits is presented in Figure 6.8. 
Despite faster rates of increase of [CuII(sol’n)] and oxide deposits than observed without 
radiation, copper corrosion in the presence of radiation progresses through similar dynamic 
stages. As discussed earlier, the rate of progression is expected to vary across the metal surface 
and this variance is expected to increase with time. The spatial variance increased faster with 
radiation than without radiation present due to the faster rates of reactions. Hence, there were 
also considerable overlaps of the different dynamic stages that were defined based on the 
average chemical behaviours. The key observations during radiolytic copper corrosion are: 
Stage 1: When t ≤ 40 h, [CuII(sol’n)]t increased while minimal oxide growth was 
observed on the surface. The [CuII(sol’n)] yield at the end of this stage was 
much higher than observed in the absence of radiation. The largest 
difference observed in the presence of radiation in this stage was the 
time-dependent behaviour of pHt, which decreased with time and found a 
near constant value of about 4.6, instead of increasing at later times of 
Stage 1. 
Stage 2: For 48 h ≤ t ≤ 96 h, pHt fluctuated around a near constant value of 4.6 and 
[CuII(sol’n)] fluctuated around 6.0 mM. The metal surface in general 
became smoother with time and remained relatively free of granular 
oxides. The differences due to radiation were the near steady-state values 
of pHt and [Cu
II
(sol’n)]t; pHt was lower while [Cu
II
(sol’n)] was higher in 
  Chapter 6 
150 
 
irradiated solutions than in unirradiated solutions. The duration of this 
stage was also shorter with than in the absence of radiation and the colloid 
density within the hydrogel was higher. 
Stage 3: For 120 h ≤ t ≤ 200 h, [CuII(sol’n)]t continued to increase with time but at a 
much slower rate than observed at earlier stages, while pHt continued 
fluctuating around a value of 4.6. Pink to purple-coloured granular oxides 
also began to grow on the surface. As discussed in Section 6.3.1, these 
colours indicate the presence of Cu2O crystals covered with various 
thicknesses of Cu(OH)2 hydrogel. The average Cu2O crystal size at the 
start of Stage 3 was small (< 200 nm) with a narrow size distribution, but 
with increasing time the crystal size distribution became bimodal 
indicating Ostwald ripening of Cu2O crystals. 
Stage 4:  After the longest time duration of the experiment (t = 480 h), [CuII(sol’n)]t 
had decreased, but the pHt remained at the same steady-state value. The 
surface was covered with large Cu2O crystals, with a thick layer of blue 
hydrogel that contained adsorbed nitrate. 
  




Figure 6.7 Time-dependent behaviours of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical and SEM images, bottom three rows) during copper corrosion after 
exposure to a 100 µL droplet of pure water (purged of CO2, pH0 = 7.0) in the presence of γ-
radiation. The black dotted lines show the general trend of the data (not based on regression 
analysis).  
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As discussed for the unirradiated samples, the durations of the corrosion stages given 
above are based on averaged solution and surface behaviour, while different areas of the same 
coupon may progress through the same stages at slightly different rates. The differences in rate 
may initially be small but can increase with time, especially after the establishment of cyclic 
feedback loops within the system. Thus, a quantity measured after specific corrosion time in 
different corrosion tests may have a large distribution around an average value and variations 
in the time at which the transition from one corrosion stage to another occurs. These large 
variations due to these corrosion processes are more significant than the instrumental error for 
each measurement. Thus, by presenting the data for each trial (shown in Figure 6.7), opposed 
to their average with error bars, the general corrosion behaviour can be determined. The 
time-dependent behaviour of the corrosion products (i.e., [CuII(sol’n)], pH, and solid corrosion 
product amount) are used in this thesis to determine how the corrosion progression is affected 
by the studied solution parameter (which, in this section, is the presence of γ-radiation). The 
corrosion mechanism in the presence of radiation is schematically illustrated in Figure 6.9 and 
described in detail below. 
 
Figure 6.9 Copper corrosion mechanism in the presence of ionizing radiation, where the white 
arrows indicate an electron transfer process. 
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6.3.3.1  Corrosion Stage 1 
The oxidation of Cu0(m) to Cu
2+ is coupled mainly with H2O2 reduction in irradiated 
solutions.34,35 The reduction of H2O2 occurs through one 2-e elementary step (Eq. 6.3b), 
although the oxidation of H2O2 becomes increasingly important as cupric ions accumulate in 
solution (discussed in Stage 3). Other species, such as nitrate (NO3
–) produced via humid air 
radiolysis, may also contribute to the overall oxidation of Cu0(m) (Eq. 6.26), to a lesser 
extent.4,6,36-39 However, the studies presented in Chapter 5 indicated that the initial oxidant 
had less of an effect on the overall corrosion process than pH0. Thus, the initial corrosion steps 
are the same regardless of the presence of radiation.  
In Stage 1a, the charge transfer process produces Cu2+ and OH− followed by the quick 
establishment of the hydrolysis equilibrium that results in the main form of Cu2+(sol’n) being 
Cu(OH)3−. These processes are quick and can be considered to be a single elementary process. 
Cu0(m) + H2O2 + H2O → Cu(OH)3− + H
+  (6.25) 
Following their production, Cu(OH)3− and H
+ diffuse from z = 0 to z = δdiff (Eq. 6.9). Cu
2+
(sol’n) 
and H+ will remain in hydrolysis equilibrium as they diffuse along z.  
As the pHt increases, the hydrolysis equilibrium will shift more and more to the right 
(Eq. 6.11), forming Cu(OH)2 and Cu(OH)
+. In the presence of a continuous flux of γ-radiation, 
HNO3 produced by humid-air radiolysis dissolves into the droplet solution and is the main 
radiolytically-produced pH-affecting species. Hence, in addition to oxidant reduction and 
metal cation hydrolysis, humid-air-radiolysis-induced proton production in solution 
contributes to the change in pHt. Because of systemic feedback between electrochemical redox 
reactions, cupric ion hydrolysis, and acid-base equilibria, the production of H+ in the bulk 
solution and the relative contribution of each reaction in determining the pHt changes with 
time. Initially, the rate of production of Cu(OH)3− and H
+ via Eq. 6.25 is faster than the rate of 
production and dissolution of HNO3 into the droplet. In sum, the bulk pHt decreases faster in 
the presence of radiation (due to this production and dissolution of HNO3) than without 
radiation (and the pHt remains at a low pHt value, discussed later) and thus, the diffusing 
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Cu(OH)3− experiences a lower pHt that shifts the hydrolysis equilibrium earlier in irradiated 
solutions. That is, Stage 1b starts earlier in the presence of radiation.  
The consumption of Cu(OH)3− and H
+ to form Cu(OH)2 and Cu(OH)
+ (Eq. 6.11) causes 
[H+]t to decrease but the rate of input of [H
+]t via radiation is approximately equal to its rate of 
consumption through cupric ion hydrolysis reactions. This is shown by the first measured pHt 
(t = 16 h) which was higher in the presence of radiation (6.0, shown in Figure 6.7) than in its 
absence (4.5 in Stage 1a, shown in Figure 6.4), and thus Stage 1a ended before 16 h. 
Without radiation in Stage 1b, it was shown that the rate of change of [CuII(sol’n)] was 
not equal to the rate of change of [H+], but the cupric ion dissolution rate was constant with 
time. The same is true in the presence of radiation, however, [H+]t increases throughout Stage 
1b (pHt decreases, Figure 6.7). The increase of [H
+]t in the presence, but not in the absence, 
of radiation indicates that the rate of production of [H+]t via radiolytic decomposition is faster 
than the rate of consumption of [H+]t via cupric ion hydrolysis or the production of [OH−]t via 
oxidant reduction. The low and decreasing pHt in the presence of radiation allowed more 
copper to dissolve during Stage 1b than without radiation. The [CuII(sol’n)] yield at the end of 
Stage 1b in the presence of radiation was 6.0 ± 2.8 mM, compared to 0.3 ± 0.2 mM in its 
absence. The effects of the higher [CuII(sol’n)] will be discussed in the next section. The metal 
oxidation rate in Stage 1 is equal to the cupric ion dissolution rate, as discussed in depth in 
Chapter 4, which was 0.18 ± 0.02 mM/h and the rate of metal loss was 11.6 ± 1.2 nmol 
Cu/cm2/h. 
Due to the homogeneous production of acidic radiolysis species, the bulk pH is lower 
than at z = 0 (the opposite is true without radiation). Thus, the cupric ion solubility limit is 
reached in the interfacial solution before the bulk solution, and Cu(OH)2 colloid particles form 
first at z = 0 (as opposed to homogeneously in solution without radiation). The agglomeration 
of colloid particles into a hydrogel is accelerated in the presence of radiation due to the 
presence of reactive radiolysis products (e.g., •O2−), which lower the zeta potential of the 
colloid particles (increasing their intermolecular attraction),40-42 and due to the increase in rate 
of reduction to CuOH, discussed later.43,44 The absence of these products when the solution is 
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not exposed to radiation allows for the colloid particles to remain suspended in solution in a 
metastable manner throughout Stage 2.  
6.3.3.2  Corrosion Stage 2 
In Stage 2, the colloid particles begin to aggregate and grow as a hydrogel network. 
Chapter 4 showed that the solution conditions (specifically, the pHt evolution during Stage 1) 
can determine where the hydrogel growth occurs. Without radiation, the pH in the interfacial 
solution is low enough that the cupric ions remain in the dissolved state, but as they diffuse 
away from the surface, the pH increases, resulting in Cu(OH)2 colloid precipitation in the bulk 
solution. In the presence of radiation, the decreasing bulk solution pHt results in the colloidal 
precipitation in the interfacial solution, where the pH is higher. Furthermore, the aggregation 
of these colloid particles is quick in the presence of radiation, as discussed previously. The 
aggregation and growth of colloid particles in a hydrogel network marks the start of Stage 2. 
As the hydrogel grows, it spreads laterally along the surface and conforms to its shape. 
As a result, the “grinding lines” are seen even after the underlying metal has become 
extensively corroded (although they are not the metallic grinding lines, but the Cu(OH)2 
hydrogel in the shape of the grinding lines, Figure 6.8). As the concentration of Cu(OH)2(colloid) 
in the solid network increases, the structure becomes more rigid.  
Dried hydrogel was observed in localized areas of the surface during Stage 2, as shown 
in Figure 6.10. In Figure 6.10a, the hydrogel appears as blue patches on the surface, 
unobservable in SEM. The optical and SEM images are taken in the exact same location, with 
the centre of the feature visible in both cases, but the outside blue patches appear only in the 
optical images. Without radiation, the hydrogel was clear due to a high degree of hydration 
(low colloidal concentration) which diluted the blue colour associated with Cu2+ complexes. In 
the presence of radiation, the high concentration of dissolved copper means the colloid 
concentration is high and the blue colour is observable.  
Figure 6.10b shows a location on the surface imaged with a secondary electron (SE) 
detector and an in-lens detector. The in-lens detector in an instrument is located in the column 
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above the sample, which allows it to efficiently collect SEs emitted from the surface. Thus, the 
in-lens detector is more sensitive to surface features than the SE detector, which is located at 
an angle from the surface.45,46 That the feature can be observed using the in-lens detector and 
not the SE detector indicates it is very thin (< 30 nm). This area shows no indication of a 
defined crystal structure, and hence, must be the growth of a thin layer of hydrogel. Figure 
6.10c shows the solid Cu(OH)2 network, indicating an advanced stage of hydrogel growth 
(high colloid density in the solid phase), located within a crevice in the metal surface (white 
circles).  
 
Figure 6.10 Images of dried Cu(OH)2 hydrogel after corrosion in the presence of radiation. a) 
Optical and SEM images of the same location on the surface. b) SEM images of the same 
location taken with a secondary electron (SE) detector and an in-lens detector. c) SEM image 
of the solid Cu(OH)2 framework under a metal crevice, indicated by the white circles. 
The formation of a polymeric, amorphous, hydrated Cu(OH)2 species in the presence 
of radiation has been reported.11,17,24,44,47-49 It has also been shown to be a precursor to copper 
salts in contexts other than corrosion.48,49 However, its impact on the copper corrosion 
mechanism has not been established in the presence of radiation. Our mechanism bridges the 
gap between knowledge of this species and how it impacts the corrosion progression of copper. 
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During Stage 2, both [CuII(sol’n)]t and pHt are constant with time (Eq. 6.17). The steady-
state pHt value was not controlled by the pKa of Cu(OH)
+, as it was in the absence of radiation, 
but influenced by the production of acidic radiolysis species and found to be 4.6 ± 0.4 (Figure 
6.7). In large solutions, where the volume of solution that the solid hydrogel network occupies 
is only a small fraction of the whole solution, the steady-state pH value is determined almost 
exclusively by the production of acidic species via radiolysis (see discussion in Chapter 8). 
However, in these small droplet solutions, in which the solid hydrogel network occupies a 
significant proportion of the total volume, the solubility equilibrium (Eq. 6.26) results in a 
higher steady-state pHt value than would be expected from the radiolytically-produced acidic 
species (the pH evolution in water droplets without a corroding system is shown in Appendix 
A). The Cu(OH)2 solubility equilibrium is established quickly in the presence of radiation due 
to the accelerated growth of the hydrogel.  
Cu2+(sol’n) (≡ Cu
2+ + Cu(OH)+ + Cu(OH)2(solv)) ⇌ Cu(OH)2(solid) (6.26) 
The copper concentration in solution remained approximately constant with time. The 
steady-state [CuII(sol’n)] value was 6.0 ± 2.8 mM, which, due to the lowered pHt, was much 
higher than in unirradiated solutions. Because the amount of Cu(OH)2 precipitation is 
proportional to the concentration of cupric ions in solution, the hydrogel layer has a higher 
density of colloid particles in the presence of radiation. 
As Cu2+(sol’n) and colloid particles accumulate, H2O2 can be oxidized coupled with the 
reduction of cupric ion (Eq. 6.27). The rate of oxidation of H2O2 by Cu
2+
(sol’n) can only compete 
with its rate of reduction by Cu0(m) when the concentration of Cu
2+
(sol’n) is high. Because H2O2 
is produced via radiolytic decomposition, it is distributed homogeneously in solution, and thus, 
cupric ion reduction coupled with H2O2 oxidation can occur anywhere there is a high enough 
[Cu2+(sol’n)]. Initially, the accumulation of cupric ions is in the interfacial solution, and thus 
cuprous ion formation only occurs in the interfacial solution. However, the cuprous content 
can increase as this saturated volume (and hydrogel layer) expands into the bulk solution. 
Ox half-reaction: H2O2 + 2 OH− → O2 + 2 H2O + 2 e− (6.27a) 
Red half-reaction: 2 Cu2+ + 2 e− → 2 Cu+ (6.27b) 
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Overall reaction: 2 Cu2+ + H2O2 + 2 OH− → 2 Cu
+ + O2 + 2 H2O (6.27c) 
As Cu+(sol’n) dissolves into the solution adjacent to the metal surface, it establishes fast 
hydrolysis equilibria in the mobile phase of the hydrogel (Eq. 6.19) and is incorporated into 
the hydrogel as a solid species (Eq. 6.20), forming a mixed CuI/CuII hydroxide hydrogel. 
The presence of H2O2 in irradiated solutions accelerates the reduction of Cu(OH)2 to 
CuOH. The cyclic feedback loop between the formation of Cu(OH)2 hydrogel (Eq. 6.18) and 
its reduction to Cu+(sol’n) (Eq. 6.27) is similarly accelerated. Thus, the formation of CuOH is 
quick, resulting in a shorter Stage 2 in the presence of radiation (48 h, shown in Figure 6.7) 
than in its absence (120 h, shown in Figure 6.4). In this stage in the presence of radiation, both 
the reduction of H2O2 to OH− (coupled with Cu
0
(m) oxidation to Cu
2+
(sol’n)) and the oxidation of 
H2O2 to O2 (Eq. 6.27b) are occurring simultaneously. 
The oxides observed on the edges of the copper surface in the first 96 h (with an average 
thickness of 175 ± 46.1 nm, shown in Figure 6.9) were a result of the slight variations in rate 
across the surface, as discussed previously. Due to the hemispherical shape of the droplet, at 
the edge of the droplet the solution depth is smaller and Cu2+(sol’n) diffusion is hindered relative 
to at the centre. The edges of the solution will therefore reach saturation concentration before 
the center of the droplet does and thus, precipitation will begin at the edges first. Oxide 
formation initiates as a blue (Cu(OH)2) internal semicircle with an outside ring of orange 
(Cu2O), which will be discussed later. The edges of the droplet enter Stage 3 before the centre 
due to variations in solution chemistry (i.e., [CuII(sol’n)] compared to its solubility) across the 
surface, and not due to metallurgical differences. Thus, the whole surface is not necessarily at 
the exact same stage of corrosion, especially in small solution depths.4 However, the general 
surface remains clean and the thin oxides that grow on the edges have a negligible effect on 
the averaged rate across the surface.  
In unirradiated solutions, pHt was low throughout Stage 1 before reaching the 
steady-state value of 8.4 in Stage 2. Accordingly, by the time Stage 2 was reached, the 
accumulated [CuII(sol’n)]t was above its saturation limit at the pHt reached in Stage 2, and 
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Cu2+(sol’n) had begun to precipitate as Cu(OH)2 colloid particles. The overall consequence is 
that [CuII(sol’n)]t is higher than the solubility of Cu(OH)2(solid) at the pHt reached.  
In irradiated solutions, the bulk pHt remained low (pH 4.6 ± 0.4) in Stage 2 due to the 
homogeneous radiolytic production of H+. The lower pH in the interfacial and bulk solution in 
Stages 1 and 2 in the presence of radiation results in high concentrations of accumulated 
Cu2+(sol’n) and Cu(OH)2(solid) colloids in the interfacial hydrogel layer. The presence of 
radiolytically-produced H2O2 at a low but steady-state concentration also accelerates the 
reduction of the Cu2+ species to Cu+ species, which further accelerates the growth of hydrogel. 
The overall effect of radiation on corrosion dynamics in Stage 2 is to grow a thicker hydrogel 
layer with a higher density of colloid aggregates and over a shorter duration. 
6.3.3.3  Corrosion Stage 3 
Stage 3 begins after CuOH reaches a supersaturation concentration within the hydrogel 
and precipitates as more stable Cu2O crystals (Eq. 6.23). The supersaturation concentration of 
CuOH that is achieved before precipitation as Cu2O is dependent on the solution redox and 
chemical conditions. In the presence of radiation, the amount of copper that dissolves into 
solution in Stage 1 is much higher (Figure 6.7) than without radiation (Figure 6.4). 
Accordingly, in Stage 2, the steady-state concentration is much higher, the hydrogel can grow 
thicker, and the supersaturation concentration of CuOH at the start of Stage 3 is higher. As a 
result, the rate of Cu2O precipitation is faster in the presence of radiation. Precipitation of 
crystals is stochastic, but preferential at high surface energy locations, such as grain boundaries 
and peaks of grinding lines,4,50 and preferential oxide growth along grinding lines was observed 
(Figure 6.8).  
In Stage 3, the net production and removal rates of the mixed hydroxide hydrogel are 
equal (i.e., the system is close to its steady state). At the start of the stage, the metal layer is 
covered with a layer of hydrogel and the full redox reaction (consisting of oxidation of Cu0(m) 
to Cu2+(sol’n) coupled with reduction of oxidant to OH−) can now couple with the reduction of 
Cu2+(sol’n)/Cu(OH)2 to Cu2O (schematically represented in Figure 6.9). Thus, the concentration 
of Cu2+ species in the interfacial solution is important in determining the size of Cu2O crystals 
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and the rate of their production. In the presence of radiation, the decreasing pHt during Stage 
1 and the low steady-state pHt in Stage 2 result in a high [Cu
II
(sol’n)] during Stage 3 and Cu2O 
crystals can grow large (Figure 6.8). Furthermore, H2O2 produced in the presence of radiation 
can accelerate both the metal oxidation and the reduction of Cu2+ to Cu2O, thereby increasing 
the rate of Cu2O growth. Once the surface is covered by Cu2O, any further Cu2O growth must 
occur via electron transfer through the semiconducting oxide film, which continues throughout 
Stage 3.  
The surface during Stage 3 was purple and/or pink coloured, with large spatial 
variations in colour (Figure 6.8) indicating the coverage of Cu(OH)2 was not uniform (see 
discussion on colour in Section 6.3.1). SEM images of the FIB milled cross-section between 
the oxide layer and metal is shown in the bottom row of Figure 6.8. The solid oxide layer can 
be assumed to be entirely Cu2O, as the thin Cu(OH)2 layer covering the oxide crystals is a 
negligible fraction of the thickness. The Cu2O film was not porous and thus, the density can 
be used to determine the amount of copper in the oxide layer based on its thickness. The film 
thickness and the amount of copper in the oxide film were reported in Table 6.2. 
Determining the rate of oxide precipitation is challenging, due to large variations in 
film thickness across the surface. Most of the film thickness variations are a result of uneven 
dissolution across the surface, making the pre-treatment grinding lines become even more 
pronounced, particularly after long corrosion times. These variations lead to a large standard 
error in the measured film thickness (Table 6.2). More substantial variations result from 
localized areas with a much thicker oxide film due to deeper penetration into the metal, which 
is discussed in Section 6.3.4. The depth of these localized attacks can be regarded as an upper 
bound for the oxide formation rate. While the average thickness is not strictly representative 
due to the effect of these localized deep attacks, it is helpful for establishing a lower bound for 
the oxidation rate. The film thicknesses as a function of corrosion time were used to determine 









Table 6.2 Amount of copper in solution (from Figure 6.7) compared to that in the oxide layer 
(from cross-sections in Figure 6.8) in all corrosion stages during radiolytic corrosion in droplet 




nCu in solution 
(µmol) 
nCu in oxide 
(µmol) 
1 24 0.11 ± 0.05 
0.22 ± 0.06 
(edge of coupon) 
2 72 0.24 ± 0.03 
0.13 ± 0.10 
(edge of coupon) 
3 
96 0.42 ± 0.17 3.66 ± 0.76 
144 1.08 ± 0.68 5.64 ± 2.74 
192 0.90 ± 0.24 8.19 ± 3.74 
4 480 0.45 ± 0.08 14.7 ± 3.21 
During Stage 3, pHt remains at its low steady-state value of 4.6. However, variations 
about the average value ranged from 3.9 − 5.2, which is equal to a cupric ion solubility range 
of approximately three orders of magnitude. When the pH is low, the solution is slightly 
undersaturated allowing cupric ion dissolution. When the pH is high, the solution is saturated 
with cupric ions and dissolution stopped. Continuous pH fluctuations around the average value, 
result in an overall increase in [CuII(sol’n)] with time but with large variations in the measured 
[CuII(sol’n)] at specific time points. The average dissolution rate throughout Stage 3 was 0.11 ± 
0.02 mM/h or a metal loss rate of 6.8 ± 1.3 nmol/cm2/h (negligible compared to the oxide 
growth rate). 
Once formed on the surface, Cu2O crystals undergo redox-assisted Ostwald ripening. 
Ostwald ripening is a thermodynamically driven process in which ionic salt crystals dissolve 
and reprecipitate depending on their size, to lower the overall surface energy in a system. The 
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salt ions in the interfacial region at the crystal surface are in adsorption/desorption quasi-
equilibrium with the dissolved salt ions. Small crystals will have net desorption and larger 
crystals will have a net adsorption of their constituents on the surface, as described in depth in 
Section 2.4.1.51  
With Cu2O crystals, the solubility of Cu
+ is low and oxidation followed by dissolution 
as Cu2+ is favoured over Cu+ dissolution.52 Thus, the Ostwald ripening of Cu2O crystals is 
assisted by redox reactions between the copper species. Cu2O first oxidizes to Cu
2+
(sol’n) (Eq. 
6.29a) then dissolves into and diffuses through the solution. The net reduction and 
reprecipitation of Cu2O constituents will occur on a different, larger crystal of lower average 
free energy (indicated by a * in Eq. 6.29b). In the presence of radiation, the redox reactions 
between copper species easily couple with H2O2 redox reactions. 
Cu2O + H2O2 + H2O → 2 Cu
2+
(sol’n) + 4 OH− (6.29a) 
2 Cu2+(sol’n) + H2O2 → Cu2O
* + O2 + 3 H2O (6.29b) 
In closed systems, Ostwald ripening leads to the growth of large crystals at the expense 
of small crystals.53 During corrosion, however, small Cu2O crystals will continue to form due 
to continuous metal oxidation injecting Cu2+(sol’n) into the solution. Instead of the average size 
of crystals increasing with time, the older crystals will ripen while small crystals continue to 
precipitate (then ripen), which results in a bimodal crystal size distribution.  
This bimodal distribution of Cu2O particle size was observed during Stage 3 (Figures 
6.7 and 6.8). Early in Stage 3, the average particle size is small (< 200 nm), then with increasing 
time the average size increases to 500 – 800 nm. Later in Stage 3, crystals are either < 100 nm 
or ~ 300 nm (bimodal distribution) and, as the ripening process continues, the distribution 
widens such that the particle sizes are either ~ 300 nm or ~ 1 μm. The redox-assisted Ostwald 
ripening of Cu2O does not affect the corrosion rate of Stage 3, nor the overall amount of copper 
that dissolves into solution. However, the continuous dissolution as Cu2+(sol’n) (resulting in a 
blue and purple-coloured surface) and reprecipitation of Cu2O (resulting in a yellow and pink-
coloured surface) causes large spatial variations in the colour of the oxide film. 
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6.3.3.4  Liesegang Band Formation during Stage 3 
If there is a directional preference for the diffusion of solution species while particles 
undergo Ostwald ripening, the crystals may form in Liesegang band patterns.51 Liesegang band 
patterns can only form if the diffusion rate and precipitation rate are comparable, and thus, they 
form when diffusion is through a slow transport medium, such as porous rocks or gel layers.54-
57 During copper corrosion, the diffusion of Cu2+(sol’n) during Cu2O Ostwald ripening is slow 
through the Cu(OH)2 hydrogel layer that covers the surface, which results in Liesegang band 
patterns appearing in the oxide layer (Figure 6.11).  
The Liesegang bands observed during copper corrosion are circular or semicircular 
(Figure 6.11), and do not correspond to the underlying grain structure. Instead, this shape is a 
result of the diffusion of Cu2+(sol’n) through the mobile phase of the hydrogel, which occurs 
equally in all directions from the initiation point. If the initiation point is at the edge of the 
coupon, from where Cu2+(sol’n) can only diffuse towards the centre of the coupon, the resulting 
shape is semicircular. Each Liesegang band that grow throughout corrosion contains bands of 
Cu2O (pink-coloured band), bands of Cu(OH)2 (blue-coloured band), and bands containing a 
combination of Cu2O and Cu(OH)2 (purple-coloured band), as illustrated in Figure 6.11 (see 
solid corrosion product colour analysis in Section 6.3.1). 
After a Cu2O crystal dissolves as Cu
2+
(sol’n) and OH− (Eq. 6.29a), the solution species 
diffuse through the Cu(OH)2 hydrogel layer. The diffusion of Cu
2+
(sol’n) is slow due to its 
continuous adsorption and desorption on Cu(OH)2(solid). This slows the rate of Cu
2+
(sol’n) 
diffusion through the interfacial solution and allows the coupling of diffusion and precipitation 
to occur. When a Cu2O crystal precipitates from the hydrogel network, it leaves an area 
deficient of the constituent ions, creating a concentration gradient for cupric ions within the 
hydrogel. Additionally, the entire solution is saturated with cupric ions and thus diffusing 
cupric ions remain in the interfacial solution and diffuse laterally across the surface. This 
directional diffusion for Cu2+(sol’n) and the similar diffusion and precipitation rates results in 
Cu(OH)2 and Cu2O precipitating in Liesegang bands. With increasing corrosion time, bands 
will become more defined as large Cu2O crystals absorb Cu
+
(sol’n) within a certain volume 
around them, thickening each band (shown in Figure 6.11).58 




Figure 6.11 Liesegang band patterns formed in early (left) and late (right) Stage 3 of copper 
corrosion. The colours of the bands are labelled with ‘pr’ for purple, ‘b’ for blue, ‘pk’ for pink, 
and ‘y’ for yellow. 
With increasing corrosion time, Cu2O crystals cover the entire surface, and the hydrogel 
layer grows thicker. As the hydrogel volume expands into the bulk solution, Liesegang rings 
are observed perpendicular to the surface, as well as across the surface. The cross-section of 
an area traversing the boundary between the blue and purple films in late Stage 3 (middle 
images in Figure 6.11) is shown in Figure 6.12. The blue film is a 6.1 μm thick layer of 
compact oxide crystals (crystals shown by the white circle) covered by a thick layer of hydrogel 
(invisible in SEM, as shown earlier). The surface of the crystals in this area are smooth due to 
their extensive dissolution and their coverage by the hydrogel. On the right side of the image, 
the film that looks purple from the surface is a thin layer of small Cu2O crystals. Under this 
layer is void space (where Cu(OH)2 hydrogel existed before drying), then the compact Cu2O 
oxide film. These alternating bands of precipitate and void space (Cu2O-void space-Cu2O) 
reflect a typical Liesegang band structure.  




 Figure 6.12 SEM images of the surface (top row) and the cross-section of the metal-oxide 
interface (bottom row) of the blue (labelled with ‘b’) and purple (labelled with ‘pr’) oxide 
films. 
Neither Ostwald ripening of Cu2O crystals nor the Liesegang band formation affects 
the rate of Stage 3. However, they create phenomenon in the oxide layer that has been observed 
during copper corrosion in this and other studies.4,57,59,60 They also provide further evidence 
for the existence of non-linear dynamics and feedback processes in this system. 
6.3.3.5  Corrosion Stage 4 
As Cu2O crystals grow in number and size, mass and charge transport through the oxide 
layer are suppressed. No metal oxidation takes place during Stage 4 and thus, neither Cu2+(sol’n) 
nor OH− are produced at the surface. However, the solution will continue to evolve until an 
equilibrium is reached. As Cu2O particles undergo redox-assisted Ostwald ripening, the 
reprecipitation of copper can include solution anions to balance charge due to a lack of OH− 
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production at the surface (Eq. 6.29 − 6.30). Consequently, the Cu2O crystal size decreases as 
they dissolve and convert to the more thermodynamically stable cuprous-hydroxide-anion 
crystals. In CO2-free solutions, complexing anions only exist in the presence of radiation, 
where humid air radiolysis leads to the production of NO3
–. 
After 480 h, the surface was covered with a thick layer of blue hydrogel (the colour of 
both Cu(OH)2 and gerhardtite, Cu2(NO3)(OH)3) (Figure 6.8).
61,62 The Raman spectra of the 
surfaces during Stage 3 and Stage 4 are presented in Figure 6.13. In Stage 3 (pink in Figure 
6.13), the 523 and 623 cm-1 peaks with equal intensities indicate a combination of Cu2O and 
Cu(OH)2, as expected based on the colour of the surface. In Stage 4 (blue in Figure 6.13), the 
623 cm-1 peak was much more intense than the 523 cm-1 peak, indicating the surface was mostly 
Cu2O. However, the emergence of peaks at 530 cm
-1 and 1070 cm-1 (indicated by the blue 
arrows in Figure 6.13), suggest the presence of a nitrate species. These nitrate peaks are blue 
shifted from the literature values63,64 and are weak and broad, which are all attributes of an 
amorphous species. Furthermore, the spectrum at large wavenumbers (not shown) had two 
very broad peaks centered at approximately 2500 cm-1 and 3300 cm-1, indicative of OH– 
stretching from the hydroxide hydrogel.  
 
Figure 6.13 Raman spectra of the solid particles on the copper surface formed during Stage 2 
(red) and Stage 3 (blue) of corrosion in the presence of radiation. The blue arrows point to 
Raman peaks that indicate adsorbed nitrate in the blue spectrum. 
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Despite the presence of nitrate in the Raman spectrum, the crystals observed in the SEM 
images in Figure 6.8 after 480 h were not the characteristic shape for cupric-hydroxide-nitrate 
crystals (hexagonal thin plates). However, the optical and SEM images both show a substantial 
amount of hydrogel on the surface (Figures 6.7 and 6.8). From the Raman spectrum indicating 
adsorbed NO3
– on the surface, the blue colour in the optical images (Figure 6.8), and a lack of 
cupric-hydroxide-nitrate crystals in the SEM images (Figure 6.13), it can be concluded that 
nitrate was incorporated into the hydrogel network (Eq. 6.30). This incorporation occurs as 
Cu2O undergoes Ostwald ripening, as nitrate co-precipitates with Cu
2+
(sol’n). 
The formation of crystals from a gel and the co-precipitation of copper and nitrate are 
commonly reported.48,49,62,65 Thus, it is proposed that with increasing corrosion time, 
cupric-hydroxide-nitrate crystals (likely gerhardtite, Cu2(NO3)(OH)3) precipitate from the 
nitrate-containing Cu(OH)2 hydrogel (Eq. 6.30, where the nitrate containing hydrogel is 
expressed as Cu2(NO3)(OH)3(hydrogel) for simplicity). 
2 Cu2+(sol’n) + 3 OH− + NO3− → Cu2(NO3)(OH)3(hydrogel) → Cu2(NO3)(OH)3(crys) (6.30) 
Cu2+(sol’n) is consumed at the surface as it precipitates as Cu2O (and later cupric-
hydroxide-nitrate crystals) but is not produced via metal oxidation in Stage 4. This creates a 
cupric ion concentration gradient and Cu2+(sol’n) in the bulk solution diffuses towards the 
surface, where it is subsequently consumed via precipitation. Thus, [CuII(sol’n)] decreased with 
time after 480 h to 8.9 ± 1.6 mM. The Cu2O crystals that remained on the surface were present 
at a thickness of 2.2 ± 0.5 μm, corresponding to 14.7 ± 3.2 μmol of Cu in the oxide film. The 
rate of oxide precipitation had also slowed from Stage 3 to Stage 4 (Figure 6.14) due to Cu2O 
dissolution and nitrate-containing hydrogel growth. These observations are a result of a metal 
oxidation rate that is below detection limit, and approaching zero. 




Figure 6.14 Amount of copper in Cu2O as a function of corrosion time in CO2-free solutions. 
6.3.4 Surface Variations 
The general corrosion mechanism describes the corrosion processes based on bulk 
properties (i.e., pHt, [Cu
II
(sol’n)]t, and solid oxide growth across the surface). As discussed 
earlier, different areas of the same coupon may progress through the same stages at slightly 
different rates, due to variations in surface energy and solution conditions adjacent to the 
surface. These variations in time progression and spatial distribution increase as corrosion 
progresses and more elementary steps are added. This can vary the observed corrosion product 
concentration or amount, especially after long corrosion times. An example of this variation 
was observed during Stages 1 and 2 when the droplet edges reached saturation before the center 
of the droplet, leading to oxide growth on the edge of the coupon. At longer corrosion times, 
holes filled with solid corrosion products were observed to have grown deeper than the average 
oxide depth. Thus, the average oxide thickness is helpful to establish a lower bound on the 
oxidation rate, while the depth of these localized attacks, analyzed in depth in this section, can 
be regarded as an upper bound on the oxide formation rate. 
Investigations of the cross-sections presented in Figure 6.8 revealed a porous metal 
layer just below the surface that is present at all corrosion times. Shear stress during the pre-
  Chapter 6 
170 
 
experimental grinding step is known to create cracks in the metal as a result of the heating and 
rearrangement of the metal grain under the wear surface.66 This grain rearrangement within the 
metal decreases the surface grain size from 100 μm in the bulk to 100 nm at the surface (which 
can be seen in the SEM images, where different shades of grey indicate different grain faces). 
Thus, even before the metal corrodes, small cracks and voids exist ~ 2 μm under the metal 
surface (and can be seen in the as-prepared sample in Figure 6.15). In previous studies that 
used solutions with pH0 ≤ 2.0, the porous metal layer was observed at early corrosion times 
but disappeared at later times due to its active dissolution in Stage 1.4 In this study, the porous 
metal layer was observed at all corrosion times (Figure 6.8) because the active dissolution 
stage was short and precipitation of Cu(OH)2 hydrogel started quickly, which stopped the 
porous metal layer from dissolving completely.  
The cracks formed during pre-treatment allow for the formation of deep holes during 
corrosion. The mechanism of formation of these holes is not different than the general 
mechanism proposed above, where metal oxidation and dissolution is a result of contact with 
a Cu2+-unsaturated solution. The atoms on the surface of the metal oxidize and dissolve into 
solution, exposing metal atoms that are deeper within the bulk metal. If the metal was free of 
voids and preferential dissolution areas, such as a perfect single crystal, the metal loss would 
occur atomically layer-by-layer with no large variation across the surface (on a macroscopic 
timescale). However, preferential dissolution at grain boundaries and on certain grain faces 
can cause certain areas to dissolve faster than others and the solution can propagate deep in 
that area.67,68 Furthermore, the voids formed deep under the surface layer during pre-treatment 
can be exposed to the solution, which allows for even deeper solution propagation, i.e., deep 
metal dissolution, in that area. That is, metal exposed to solution will continue to dissolve, 
which can lead to deep holes. Once the penetrating solution becomes saturated with Cu2+(sol’n), 
Cu(OH)2 and Cu2O precipitate (according to the corrosion mechanism). All holes imaged were 
filled with solid corrosion products (Figure 6.15). Holes formed in this way can be seen in the 
top row in Figure 6.15, where their depth is 2 − 40 times deeper than the average oxide 
thickness at the same corrosion time. 
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Pitting corrosion is the conventional explanation for these types of features, but it is not 
a plausible explanation in the studied conditions, as a passivating film is not initially formed 
and the types of aggressive ions required for pitting attacks (e.g. chloride, bicarbonate) are not 
present.69-71 It is well known that different Cu0(m) grains have different electrochemical 
properties, and thus, when exposed to unsaturated solution, some grains will dissolve fast while 
others remain intact.67,72 This preferential grain dissolution is illustrated in the inset (in orange 
box) in Figure 6.15 after 480 h corrosion time, where Cu0(m) (white areas) is fully surrounded 
by oxide (dark areas).  
Using diamond polishing opposed to grinding as a pre-treatment does not lead to cracks 
within the metal (bottom row in Figure 6.15) due to less friction on the metal surface.66 Some 
holes were observed during corrosion after diamond polishing, however they are not as deep, 
which supports the theory that the pre-treatment cracks propagate as large holes. However, 
there are still areas on the metal surface which preferentially dissolve leading to deep localized 
damage. Preferential grain dissolution was observed after 144 h corrosion time, where a hole 
formed on the surface to a depth of 1.5 μm into the metal with a second hole 2.3 μm beneath 
the metal surface. The deeper hole is at the apex of a grain, the grain boundary of which is 
highlighted by the red arrow in Figure 6.15. The deeper hole does not appear to be connected 
to the surface hole, but they are likely connected by a water channel elsewhere. The 
undissolved metal in between the two holes is likely a lower energy grain and thus is less 
dissolved by the solution. Both holes had corrosion product growth (the deeper one less so) 
that is amorphous, hypothesized to be Cu(OH)2 hydrogel or very small Cu2O particles.  
Another high energy area is between grains, where the metal oxidation rate may be 
slightly faster than the average rate, allowing solution to propagate in a localized area.73,74 This 
intergranular corrosion was imaged after 480 h corrosion time following diamond polishing 
pre-treatment (red circle in Figure 6.15). Propagation in this area was 2.5 μm into the metal 
while the average oxide depth was < 1.0 μm. This damage would be exacerbated if there were 
cracks and voids that already existed within the metal due to pre-treatment grinding or if the 
surface grains were smaller. However, it is not being suggested here that diamond polishing or 
any other pre-treatment for the metal surface will decrease the depth of metal dissolution. The 
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metal dissolution is solely a result of the solution saturation properties. The holes formed after 
grinding are similar to those formed after diamond polishing, which confirms the 
understanding outlined above of their formation.  
Holes penetrating deep into copper (and other metals) are of particular concern for the 
application of nuclear waste disposal. The hole growth is consistent with our corrosion 
mechanism, which means their propagation can be included in a corrosion model, allowing the 
process to be predicted confidently and the hole depth can be included when refining the 
maximum copper corrosion allowance of the UFC. The depth of metal loss at these localized 
sites provides an upper bound for the metal loss and oxide formation rate, as previously 
discussed. However, the metal loss does not continue linearly, but will stop in Stage 4, as 
described in the mechanism.  
6.4  CONCLUSION 
In this chapter, the corrosion mechanism of copper in small water droplets (scrubbed 
of CO2) was investigated. To elucidate the effects of the presence of γ-radiation, experiments 
were performed in the presence and absence of radiation. The time-dependent behaviour of 
pHt, [Cu
II
(sol’n)], and the surface oxides allowed for the identification of the stages of corrosion 
behaviour and how they are influenced by γ-radiation.  
Stage 1 involves metal oxidation coupled with solution oxidant reduction, forming 
soluble cupric ions at the metal-solution interface. In small droplet solutions with a near neutral 
pH0, Stage 1 proceeds in two steps, initially with the formation of Cu(OH)3− (Stage 1a) which, 
after diffusing to the bulk solution, produces Cu(OH)2 colloid particles (Stage 1b). In the 
absence of radiation, the pH is controlled by the cupric ion hydrolysis equilibrium, and thus 
initially decreases, then increases with time. [CuII(sol’n)] increased linearly with time throughout 
both steps of Stage 1, reaching a low yield at the end of the stage due to the low cupric ion 
solubility. 
In the presence of radiation, Stage 1a is short due to the production of acidic radiolysis 
products that decrease the pH very quickly and cause Stage 1b to start before the first 
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measurement. The radiolytic production of acidic species caused the pH to decrease throughout 
Stage 1, and [CuII(sol’n)] increased to a higher concentration than in the absence of radiation. 
The corrosion rate in Stage 1 in CO2-free irradiated solutions was 11.6 ± 1.2 nmol Cu/cm
2/h. 
During Stage 2, the Cu(OH)2 colloid particles formed in Stage 1b aggregated and grew 
as a hydrogel network, while pHt and [Cu
II
(sol’n)]t remained constant regardless of the presence 
of radiation. Radiation in this stage affects the values at which pHt and [Cu
II
(sol’n)]t plateau and 
the colloid density in the hydrogel network. Without radiation, the pHt was buffered at the pKa 
value for Cu(OH)+ (8.4 ± 0.1), and [CuII(sol’n)]t remained low, at 0.3 ± 0.2 mM. This low 
concentration of dissolved copper resulted in a highly hydrated hydrogel network (low colloid 
density). The hydrogel network slowed the transport of Cu2+(sol’n) away from the surface, 
allowing redox coupling between the metal surface and the cupric ions to occur, resulting in 
the incorporation of cuprous species into the hydrogel. 
In the presence of radiation, the steady-state pH value was 4.6 ± 0.4, and the higher pHt 
allowed more copper to dissolve. The [CuII(sol’n)]t plateau was 6.0 ± 2.8 mM, and this higher 
concentration of cupric ions in solution allowed for the growth of a hydrogel with a higher 
concentration of colloid particles (as seen in the optical and SEM images). Furthermore, the 
reduction of Cu2+(sol’n) to form a mixed Cu
I/CuII hydroxide hydrogel was accelerated due to 
redox coupling with H2O2, which was continuously produced via water radiolysis. Both the 
higher concentration of colloid particles in the hydrogel and the accelerated reduction of 
Cu(OH)2 to CuOH resulted in a shortened Stage 2 in the presence of radiation. 
Stage 3 involves the precipitation of Cu2O from the mixed Cu
I/CuII hydroxide hydrogel. 
Without radiation, this stage was observed after 480 h when the surface had turned a deep 
yellow, indicating uniform growth of small Cu2O particles. However, the amount of Cu2O 
formed on the surface was too low to be meaningfully quantified. [CuII(sol’n)]t continued to 
fluctuate around the value established in Stage 2, but the pHt had decreased to satisfy the 
Cu(OH)2 solubility equilibrium.  
In Stage 3 in the presence of radiation, the pHt continued to fluctuate around the low 
steady-state value. The effect of these large fluctuations with time is the overall dissolution of 
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[CuII(sol’n)] at a rate of 6.8 ± 1.3 nmol Cu/cm
2/h. However, the main corrosion product in this 
stage was Cu2O, which grew at an average rate of 62 ± 28 nmol Cu/cm
2/h, although large 
surface variations resulted in significant corrosion depth differences across the surface. Very 
deep holes (up to 50 μm) were observed during corrosion because unsaturated solution can 
penetrate deeply into the metal at locations of faster dissolution (e.g., grain boundaries). The 
metal pre-treatment method selected can exacerbate the formation of deep holes with the 
formation of cracks and void under the metal surface before the onset of corrosion. The 
formation of holes and their propagation is consistent with the proposed corrosion mechanism 
and their depth can provide an upper bound on the metal loss. 
The large concentration of cupric ions that can dissolve in Stages 1 and 2 in the presence 
of radiation result in the formation of large Cu2O crystals that cover the entire metal surface 
during Stage 3. The Cu2O crystal size had a bimodal distribution in the later times of Stage 3, 
after undergoing redox-assisted Ostwald ripening. The thick hydrogel covering the surface 
slowed Cu2+(sol’n) diffusion, allowing the diffusion and precipitation processes to couple. As a 
result, Liesegang bands in the oxide layer were observed on the surface during this stage. 
However, Ostwald ripening of Cu2O crystals and Liesegang band formation did not affect the 
overall corrosion rate in this stage. 
Stage 4 was only observed in the presence of radiation. Metal oxidation ceases due to 
a thick oxide film that hinders the transfer of charge. This stage was observed after 480 h, when 
[CuII(sol’n)]t had decreased, and the oxide growth had slowed. However, Ostwald ripening of 
Cu2O crystals continued, and solution anions participated in the reprecipitation of cupric ions. 
Raman analysis indicated that nitrate was incorporated into the hydrogel network and, after 
longer corrosion times, it is hypothesized that CuII-OH-NO3 crystals will precipitate from the 
hydrogel.  
Although the process of developing a quantitative corrosion rate model is still 
underway, the results in this chapter provide important insights into how the presence of a 
continuous flux of γ-radiation affects the rates of the elementary steps that are important during 
corrosion. It shows that the same rate determining elementary steps can consistently explain 
the time-dependent behaviours of measured dissolved copper concentration ([CuII(sol’n)]t) and 
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pHt in the presence and absence of radiation, indicative of the same RDS in both conditions. 
These results will be critical for the development of a robust dynamic copper corrosion model 
that can be used to accurately determine the copper corrosion allowance of the UFC in the 
presence of radiation. 
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CHAPTER 7. EFFECTS OF COVER GAS COMPOSITION ON COPPER 
CORROSION DYNAMICS 
7.1  INTRODUCTION 
Corrosion involves a series of elementary processes which include electrochemical 
redox reactions, solutions reactions, transport processes, and oxide particle nucleation and 
growth. To develop a mechanistic model that can predict the evolution of copper corrosion in 
different solution environments, it is critical to be able to decouple the elementary processes 
involved. In previous chapters, it was shown that the elementary reactions that determine the 
overall rate of corrosion evolve with corrosion time. Initially, the oxidation of solid copper 
(Cu0(m)) to the soluble cupric cation is coupled with the reduction of oxidant (e.g., O2 to OH−), 
at the metal-solution interface (z = 0, where z is the distance from the metal surface) (Eq. 7.1, 
the initial charge transfer), and the subsequent transport of the oxidant and the metal cation 
between the interface (z = 0) and the bulk solution (z = δdiff). While diffusing, these products 
can participate in other (electro)chemical reactions, including the quick establishment of the 
cupric ion hydrolysis equilibrium (Eq. 7.2), which can affect both the main form of cupric ions 
and the pH of the solution. 
Cu0(m) + ½ O2 + H2O ⇄ Cu2+ + 2 OH−  (7.1) 
Cu2+ + 2 OH− ⇌ Cu(OH)+ + OH− ⇌ Cu(OH)2(solv) + H2O ⇌ Cu(OH)3− + H+ (7.2) 
Because corrosion involves both charge and mass transfer, the rates of the elementary reactions 
are dependent on the solution redox and/or transport conditions.  
In Chapter 6, the copper corrosion progression in small stagnant CO2-free water 
droplets was investigated in the presence and absence of radiation. From this analysis, a copper 
corrosion mechanism was proposed. In Stage 1, copper corrosion rate can be determined by 
the dissolution rate of cupric ions, as they are the main corrosion product. After cupric ions 
accumulate in the interfacial solution, systemic feedback loops between multiple elementary 
reactions can be established that affect the overall metal loss (corrosion) rate. The 
concentration of cupric ions that accumulate, determined by their solubility, can affect the rate 
of metal loss in Stages 2 and 3 when the main corrosion products are a mixed CuI/CuII 
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hydroxide hydrogel and Cu2O, respectively. The continuous production of radiolysis products 
in the presence of radiation can affect rate determining elementary reactions in each corrosion 
stage, changing the rate and duration of the stage. 
The effects of solution parameters on the rates of the elementary reactions are not 
necessarily linearly additive to the effects of γ-radiation. The effects of γ-radiation in CO2-free 
solutions were determined in Chapter 6. This chapter will investigate the combined effects of 
radiation and cover gas composition. The cover gas environments examined are aerated (with 
CO2), 21% O2 (balance Ar), and deaerated, and the results are compared to those from the 
CO2-free air environment analyzed in Chapter 6. Each cover gas composition was chosen 
because it adds or removes a key redox active or pH-affecting species from solution thereby 
affecting the redox or transport conditions of the solution. They are also atmospheres relevant 
to the conditions that the copper layer of the UFC may experience during its lifetime.1,2 The 
corrosion dynamics in the absence and presence of γ-radiation in each cover gas composition 
are determined by following the bulk concentration of cupric ions, pH, and morphology and 
composition of the surface oxides as a function of time. 
7.2  EXPERIMENTAL 
7.2.1 Materials and Solutions 
All experiments were performed with copper coupons (99.9% purity) made from 
wrought copper samples (provided by SKB, the Swedish Nuclear Waste Management 
Company) with an exposed surface area of 0.785 cm2. The top surface of the copper coupons 
was ground using silicon carbide papers (Buehler, Inc., Wooster, OH) with grit size 400, 800, 
and 1200 in succession. The coupons were then washed with deionized water, dried under 
flowing Ar(g), and placed in a 20 mL vial sealed with an aluminum crimp cap with a 
polytetrafluoroethylene (PTFE)-coated silicone septum (Thermo Fisher Scientific, Waltham, 
MA). More information on this procedure is provided in Section 3.1. All solutions used in this 
study were prepared using water purified with a NANOpure Diamond UV ultra-pure water 
system (Barnstead International, Dubuque, IA) to give a resistivity of 18.2 MΩcm.  
The coupon vial and solution were purged with 21% O2 balance Ar (Praxair, Danbury, 
CT), or ultra-high purity Ar(g) (Praxair, Danbury, CT) via the procedure in Section 3.1.2. 
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Aerated solutions were not purged. Experiments done in cover gas compositions containing 
21% O2 (i.e., CO2-free air in Chapter 6 and 21% O2 balance Ar and aerated in this chapter) 
are collectively referred to as oxygenated solutions/environments, while experiments done 
after purging with Ar(g) are referred to as deaerated solutions/environments. 100 μL of the 
sample solution was placed on the copper surface by injection into the sealed vial using a 
syringe. Radiation experiments were performed using a MDS Nordion (Ottawa, ON) Gamma 
Cell 220 Excel 60Co irradiator, as described in Section 3.2, and non-radiation experiments were 
done by leaving the vials on the benchtop, in otherwise the same conditions. 
7.2.2 Post-Test Analyses 
Experiments were terminated by removing the solution from the coupon surface using 
a Pasteur pipette. The copper coupon was washed and dried using Ar(g). Optical images were 
taken using a Leica DVM6A digital microscope, then the coupon was stored under vacuum. 
Scanning electron microscopy (SEM), energy-dispersive X-ray spectroscopy (EDX), and 
focused ion beam (FIB) milling were performed at the Western Nanofabrication Facility using 
Zeiss LEO 1530 and 1540XB instruments. Raman spectroscopy was performed at Surface 
Science Western using a Renishaw (Wotton-under-Edge, UK) Model 2000 Raman 
spectrometer equipped with a MellesGriot (Carlsbad, CA) 35 mW HeNe laser with a 
wavelength of 633 nm. More information on the surface analysis can be found in Section 3.3.  
The pH of the solution was determined using a Thermo Scientific (Waltham, MA) 
Orion 9110DJWP Double Junction Micro-pH Electrode. The solution was then diluted to 
quantify the dissolved copper concentration using inductively coupled plasma optical emission 
spectroscopy (ICP-OES) (PerkinElmer Avio 200 ICP-OES) to determine the 
dissolved/dispersed copper concentration. More information on the procedure for solution 
analysis can be found in Section 3.4. 
7.3  RESULTS AND DISCUSSION  
7.3.1 Corrosion Dynamics in the Presence of Atmospheric CO2  
In an aerated environment, CO2(g) dissolves into solution (with an approximate 
concentration of 12.7 μM or 280 ppm by volume) and reacts with water to produce H2CO3.
3 
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This weak acid can lower the initial pH (pH0) of the solution to 6.0 − 6.5, and thus a corroding 
copper surface is exposed to a slightly lower pH0 when solutions are naturally aerated. H2CO3 
has two pKa values at 6.4 and 10.3 (Eq. 7.3), and thus, when near one of these values, the pH 
can become buffered. 
H2CO3 ⇌ HCO3− + H+  pKa = 6.4   (7.3a) 
HCO3− ⇌ CO32− + H+  pKa = 10.3   (7.3b) 
7.3.1.1  In the Absence of Radiation 
The time-dependent behaviours of log([CuII(sol’n)]), pH, and the surface morphology 
and colour observed during copper corrosion in aerated droplet solutions are presented in 
Figure 7.1. The key observations for the three observed stages are outlined below and 
discussions on these observations will follow. 
Stage 1: For t ≤ 48 h, [CuII(sol’n)]t increased with time and the general surface 
remained clean. The pHt increased from its initial value then was 
buffered at a value of 8.8 ± 0.1, corresponding to the pKa of Cu(OH)+. 
The general surface did not show a significant amount of oxide growth. 
Stage 2:  For 72 h ≤ t ≤ 200 h, [CuII(sol’n)]t remained at a steady-state value of 0.79 
± 0.50 mM. Throughout this stage, the pHt fluctuated between the pKa 
of Cu(OH)+ and the pKa of HCO3−. Many patches of dried hydrogel 
were observed across the general surface. Although the edges showed 
some oxide growth, the amount did not appear to increase from Stage 1. 
Stage 3: When t = 240 h, the entire surface was a deep yellow, indicative of 
uniform growth of small Cu2O particles across the surface. [Cu
II
(sol’n)]t 
and pHt both decreased, causing the solution to approach the Cu(OH)2 
solubility equilibrium. 




Figure 7.1 Time-dependent behaviour of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical images, bottom row) during copper corrosion after exposure to a 100 
µL droplet of aerated water (pH0 = 6.0) in the absence of γ-radiation. The black dotted lines 
show the general trend of the data (not based on regression analysis). 
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Figure 7.1 shows that the pH initially increased, the opposite observation to in Stage 
1a in CO2-free solutions. In naturally aerated solutions, pH0 is lower than in CO2-free solutions 
and buffered at the bicarbonate pKa (Eq. 7.3a). Thus, unlike in CO2-free solutions (Chapter 
6), the production of OH− via the initial charge transfer does not substantially change the pH, 
and instead, the pH initially remains buffered around 6.4. At this pH, the main form of cupric 
ion due to the hydrolysis equilibrium (Eq. 7.2) is Cu(OH)+ and the initial corrosion reaction 
can be considered: 
Cu0(m) + ½ O2 + H2O → Cu(OH)
+ + OH−    (7.4) 
Thus, the concentrations of Cu(OH)+ and OH− increase, and by 24 h (Figure 7.1), [OH−] 
produced via Eq. 7.4 was more than the buffering capacity of HCO3−. The first measured pHt 
(Figure 7.1) was at the pKa of Cu(OH)+ (Eq. 7.5), indicating Cu(OH)+ and Cu(OH)2(solv) had 
been formed in a high enough concentration to reach its buffering capacity and overcome that 
of HCO3−.  
Cu(OH)+ + H2O ⇌ Cu(OH)2(solv) + H+          pKa = 8.3  (7.5) 
The acid-base equilibrium of Cu(OH)+ buffered the pH for the entirety of Stage 1, while 
[CuII(sol’n)]t increased. When the solution pH is at the pKa of Cu(OH)
+, Cu(OH)+ and 
Cu(OH)2(solv) are present in equal amounts. As the concentration of cupric ions continues to 
increase, Cu(OH)2 precipitates as colloid particles that remain dispersed in solution and 
contribute to the [CuII(sol’n)]t.  
Thus, Stage 1 in aerated solutions does not occur in two observable steps (i.e., Stage 
1a, producing Cu(OH)3− and H
+, and Stage 1b, producing Cu(OH)+ and Cu(OH)2 colloid 
particles). The duration of Stage 1, defined by the length of linear increase in [CuII(sol’n)] with 
time, was nearly the same in both CO2-free and aerated solutions. However, the rate of 
[CuII(sol’n)] dissolution was slightly higher in aerated solutions. This results in a higher dissolved 
copper yield at the end of Stage 1 (0.63 mM, Figure 7.1) than in CO2-free solutions (0.25 mM 
in Chapter 6).  
Stage 2 begins when the Cu(OH)2 colloid particles begin to agglomerate and precipitate 
as a hydrogel, which was seen in the optical images starting at 72 h. During this stage, the 
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production of Cu2+(sol’n) via metal oxidation is equal to their consumption via precipitation, and 
therefore, [CuII(sol’n)]t is constant with time. Stage 2 was observed for 72 h ≤ t ≤ 200 h (Figure 
7.1), during which [CuII(sol’n)]t fluctuated with time around an average value of 0.79 ± 0.50 mM. 
In Stage 2, the plateau in [CuII(sol’n)]t in aerated solutions was higher than in CO2-free solutions 
(0.38 ± 0.15 mM, Chapter 6) due to more dissolution during Stage 1.  
Patches of dried hydrogel are shown in the optical images (bottom row) in Figure 7.1 
(indicated by the white circles). More of these dried hydrogel patches were observed after 
corrosion in aerated solutions compared to in CO2-free solutions. With a higher [Cu
II
(sol’n)] at 
the start of Stage 2, the hydrogel precipitation rate is faster in aerated solutions. This also means 
the colloid concentration within the hydrogel that grows in aerated solutions is higher than in 
CO2-free solutions. However, the hydrogel was clear and colourless (on top of the orange metal 
surface, Figure 7.1), indicating the colloid concentration was still too low to produce the 
characteristic blue colour of Cu(OH)2. 
As discussed in detail in Chapter 6, the dynamics of the hydrogel precipitation and 
growth are complicated and involve systemic feedback. As the colloid concentration increases 
within the hydrogel, cupric ion transport becomes limited and Cu2+(sol’n) gets trapped next to 
the metal surface. As Cu2+ accumulates, the rate of its reduction to Cu+(sol’n), coupled with 
Cu0(m) oxidation, increases. Cuprous ions have a low solubility thereby reaching its solubility 
equilibrium quickly. CuOH(solid) gets incorporated into the solid hydrogel network, resulting in 
the formation of a CuI/CuII mixed hydrogel. 
Cu0(m) + Cu
2+
(sol’n) → 2 Cu
+
(sol’n)  (7.6a) 




 →  
mixed CuI/CuII hydroxide hydrogel (7.6c) 
Figure 7.1 showed that in Stage 2 in aerated solutions, pHt was initially buffered at the 
Cu(OH)+ pKa, but then decreased. The decrease in pH was not observed in CO2-free air 
(Chapter 6). In solutions that contain CO2, cupric ion hydrolysis equilibria and bicarbonate 
acid-base equilibrium compete. That is, the pH is initially buffered at the Cu(OH)+ pKa until  
t = 96 h, but as a small amount of OH− is consumed via Eq. 7.6c, the pH decreased enough 
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that the pH became buffered at the HCO3− pKa (Eq. 7.1a). Later in Stage 2, pHt increased 
again to close to the Cu(OH)+ pKa. These large changes in pHt result in large changes in cupric 
ion solubility, and the fluctuations around the average [CuII(sol’n)]t are large. 
The rate of CuOH formation within the hydrogel network is proportional to the 
concentration of [CuII(sol’n)] (Eq. 7.6). With a higher [Cu
II
(sol’n)]t in aerated solutions compared 
to in CO2-free solutions, more CuOH is formed in a shorter period and therefore, Stage 3 starts 
earlier (Figure 7.1). Stage 3 begins after CuOH reaches supersaturation and precipitates as 
Cu2O.  
2 Cu+(sol’n) + x OH− ⇌ 2 CuOH(solid) → Cu2O + H2O  (7.7) 
The entire surface was a deep yellow colour at t = 240 h seen in optical images in Figure 7.1, 
indicating it was covered with small Cu2O crystals. At this time, [Cu
II
(sol’n)]t and pHt decreased 
to satisfy the Cu(OH)2 solubility equilibrium. Stage 3 started earlier in aerated solutions than 
in CO2-free solutions because of a higher [Cu
II
(sol’n)]t in Stages 1 and 2. Thus, the colloid 
concentration in the hydrogel was higher and it took less time for CuOH to reach the 
supersaturation concentration.  
Overall, the presence of CO2 did not change the progression through corrosion stages 
but affected the duration and product yields in each stage. Stage 1 had a higher corrosion rate   
that resulted in a higher [CuII(sol’n)] yield. Thus, when Stage 2 started, [Cu
II
(sol’n)] was higher 
and more hydrogel formed. The rate of CuOH formation was higher due to the higher 
concentration of Cu(OH)2/Cu
2+
(sol’n) during Stage 2 and Stage 2 was shortened. Stage 3 was 
observed at an earlier time.  
7.3.1.2  In the Presence of Radiation  
Water and humid air exposed to γ-radiation decompose into redox-active (mainly H2O2) 
and acidic species (mainly HNO3). Under a continuous flux of γ-radiation, the radiolysis 
products reach steady-state concentrations and become homogeneously distributed in solution. 
Hence, the effects of γ-radiation on the corrosion rate are through the radiolysis products that 
are distributed homogeneously and at near constant concentrations (even though they may be 
consumed by corrosion reactions).  
  Chapter 7 
191 
 
The time-dependent behaviours of log([CuII(sol’n)]), pH, and the surface morphology and 
colour observed during radiolytic copper corrosion in aerated droplet solutions are presented 
in Figure 7.2 and 7.3. The observations that led to the identification and assignment of the 
stages are:  
Stage 1: When t ≤ 24 h, [CuII(sol’n)]t increased, and minimal oxide growth was 
observed on the surface. During this time, pHt remained constant at 5.4. 
While the rate of increase in [CuII(sol’n)] was not different than in CO2-free 
solutions, the time duration was shorter.  
Stage 2: For 48 h ≤ t ≤ 96 h, [CuII(sol’n)]t and pHt are constant at 4.2 ± 2.1 mM and 
4.3 ± 0.4, respectively. A large amount of dried hydrogel was observed 
on the surface by SEM and optical imaging. Raman analysis indicated the 
incorporation of carbonate into the top layer of the hydrogel and both 
cupric and cuprous ions in the bottom layer. 
Stage 3: For 120 h ≤ t ≤ 192 h, [CuII(sol’n)]t increased while pHt continued 
fluctuating around a value of 4.3. The surface was entirely pink and 
purple-coloured, indicating Cu2O crystals covered with various 
thicknesses of Cu(OH)2 hydrogel had grown. The precipitation rate of 
Cu2O crystals in this stage was much higher than in CO2-free solutions. 
Stage 4:  After 480 h, [CuII(sol’n)] decreased to 6.3 ± 3.2 mM while pHt remained at 
the same value as in Stage 3. Thick layers of hydrogel remained covering 
the surface, and large, green malachite (Cu2(CO3)(OH)2) crystals had 
grown on top of the Cu2O on the surface. 




Figure 7.2 Time-dependent behaviours of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical, bottom two rows) during copper corrosion after exposure to a 100 
µL droplet of aerated pure water (pH0 = 6.5) in the presence of γ-radiation. The black dotted 
lines show the general trend of the data (not based on regression analysis). 
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The pH during the first 24 h of radiolytic corrosion (Figure 7.2) was constant with 
time, indicating that the rate of production of [OH−] via the initial corrosion reactions (Eq. 7.8) 
was approximately equal to the rate of production of [H+] via radiolytic decomposition. As 
discussed in Chapter 5 and 6, in the presence of radiation, water and humid air decompose to 
produce H2O2, which becomes the main oxidant for Cu
0
(m): 
Cu0(m) + H2O2 → Cu(OH)
+ + OH−    (7.8) 
While pHt was constant, [Cu
II
(sol’n)] increased linearly with time and no significant 
oxides were observed on the surface (Figures 7.2 and 7.3). These were the same observations 
in Stage 1 in CO2-free solutions (Chapter 6). The rate of copper dissolution in Stage 1 in 
aerated solutions was 0.20 ± 0.06 mM/h (Figure 7.2). In Stage 1, when metal oxidation 
produces mainly dissolved metal species, the overall rate of metal loss (corrosion) is the same 
as the overall increase in dissolved metal cation with time, as discussed in depth in Chapter 
4, and thus can be approximated to the metal dissolution rate. In aerated droplet solutions, the 
corrosion rate in Stage 1 was 12.6 ± 4.0 nmol Cu/cm2/h. This rate was unaffected by the 
presence of CO2 (the rates and yields for all cover gas compositions are summarized in Table 
7.4), consistent with it being determined by the Cu2+(sol’n) transport rate.  
In aerated solutions, Stage 1, indicated by the linear increase in [CuII(sol’n)] with time, 
was shorter than in CO2-free solutions (24 h in Figure 7.2 compared to 40 h in Chapter 6). It 
was shown in Chapter 6 that the presence of radiation accelerates the transition between 
Stages 1 and 2 with the production of reactive species accelerate the rate of agglomeration of 
colloid particles into a hydrogel network. In aerated solutions, this agglomeration is further 
accelerated due to the complexation of Cu2+(sol’n) with HCO3− which stabilizes the solid 
network, which is discussed in detail later in this section. Thus, Stage 2 started after 24 h in 
aerated solutions (Figure 7.2). 
During Stage 2, the colloid concentration within the hydrogel increases which slows 
the transport of Cu2+(sol’n) causing their accumulation at the metal surface. The accumulation of 
cupric ions increases the rate of oxidation of H2O2 by Cu
2+
(sol’n) to form Cu
+
(sol’n) (Eq. 7.9a). 
With a low solubility, Cu+(sol’n) is quickly in its solubility equilibrium (Eq. 7.9b), and CuOH 
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incorporates into the hydrogel network (Eq. 7.9c). The incorporation of cuprous species into 
the hydrogel network is confirmed later in this section. 
2 Cu2+ + H2O2 + 2 OH− → 2 Cu
+ + O2 + 2 H2O (7.9a) 




 →  
mixed CuI/CuII hydroxide hydrogel (7.9c) 
Stage 2 was observed for 48 h ≤ t ≤ 96 h, during which [CuII(sol’n)]t and pHt were constant 
at 4.2 ± 2.1 mM and 4.3 ± 0.4, respectively. While the amount of copper that remained 
dissolved in solution was lower in aerated solutions (summarized in Table 7.4), more hydrogel 
was observed on the surface compared to in CO2-free solutions. This is a result of the 
incorporation of HCO3− into the hydrogel solid network, which decreases the extent of 
hydration causing more solid precipitate. Studies on the stability of gels in the presence of salts, 
sometimes referred to as Hofmeister ions, confirm that CO3
2− increases the rate of their 
precipitation and extent of agglomeration.4-6 A higher extent of precipitation is also the reason 
the [CuII(sol’n)] plateau value is lower in aerated solutions and Stage 1 was shorter compared to 
in CO2-free solutions. 
Large patches of dried hydrogel were observed during Stage 2. After 48 h, a filiform-
type growth of the blue hydrogel was observed (Figures 7.2 and 7.3). The SEM image of the 
blue area is smooth with cracks, while the metal surface beside it still has its grinding lines 
(Figure 7.3). In one case (after 192 h), the hydrogel had covered the entire surface, which is 
shown in Figure 7.4 and 7.5. The hydrogel is a translucent blue colour and appears as a cracked 
sheet on top of pink/purple Cu2O crystals (top row in Figure 7.4). The SEM images (bottom 
row in Figure 7.4) show that there are two layers of the dried hydrogel structure: the underlying 
layer is a typical gel structure with large pores of > 2 μm and the top layer is a smooth thin 
sheet with pores ~20 nm in diameter (red circle in last image in Figure 7.4). Previous studies 
have synthesized copper hydroxide hydrogels with a similar pore sizes.7,8 
The term hydrogel refers to a gel in which the mobile phase solvent is water, and when 
hydrogels are dried (i.e., the mobile solution phase removed via evaporation) the solid network 
that is left is referred to as a xerogel. Xerogels retain the shape of hydrogels, but often crack 
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due to shrinkage (~ 90 % shrinkage).9,10 Thus, ex situ imaging shows the xerogel (Figure 7.4). 
The chemical characterization of the xerogel can be directly related to the hydrogel, but pore 
sizes are considerably larger when hydrated.  
  
Figure 7.4 Optical (top row) and SEM (bottom row) images of dehydrated Cu(OH)2 hydrogel 
formed after exposure to a 100 μL droplet of aerated water in the presence of γ-radiation for 
192 h. The Raman spectra in Figure 7.5b were taken in the areas indicated with the blue and 
black ‘x’. The red circle indicates a pore in the top layer of the xerogel. 
Cross sections of the xerogel (Figure 7.5a) confirm the pore size in the top and bottom 
layer and show that these layers are connected and continuous. The thin top layer is 
approximately 522 nm thick and dense with small pores. To obtain the Raman spectrum of the 
top layer (blue trace, Figure 7.5b), the depth of penetration was restricted to the top ~ 1 μm of 
the surface and was taken in the area indicated in a blue ‘x’ in Figure 7.4 and 7.5a. The peak 
at 523 cm-1 – without the 623 cm-1 peak – indicates that Cu(OH)2 is present without Cu2O. 
There were also peaks at 1064 cm-1, 1347 cm-1, and 2935 cm-1 which indicate the incorporation 
of a carbonate group. This is further confirmed at later corrosion stages when large 
copper-carbonate crystals are observed on the surface. While nitrate is present in solution and 
could complex with copper ions, there is no indication of its presence in the Raman spectra. 
Thus, from the optical images, SEM images, and the Raman spectrum, it can be concluded that 
this top xerogel layer consists of copper hydroxide and carbonate.  




Figure 7.5 a) SEM images of the metal-gel interface and b) Raman spectra of Cu(OH)2 xerogel 
formed after exposure to a 100 μL droplet of aerated water in the presence of γ-radiation for 
192 h. The locations of Raman spectra are indicated by the blue and black ‘x’ in a and in 
Figure 7.4. 
The bottom layer is approximately 9.4 μm thick and void size decreases closer to the 
metal surface. The increase in xerogel density by the metal surface where Cu2+ and OH− are 
being produced was expected. The Raman spectrum of the bottom layer (Figure 7.5b) has 
equal intensity peaks at 523 and 623 cm-1, indicating a combination of Cu(OH)2 and Cu2O. 
However, the SEM images did not show crystalline Cu2O crystals. Instead, the 632 cm
-1 peak 
in the Raman spectrum may be a result of the incorporation of cuprous ions into the hydrogel 
network, which supports the theory of the formation of a mixed CuI/CuII hydroxide hydrogel 
during Stage 2. Furthermore, there is also a large broad peak at 2200 cm-1 (the start of which 
can be seen in Figure 7.5b), which is from the OH stretching in the hydrogel.  
The analysis of the xerogel formed in large quantities showed that there are two distinct 
layers. The bottom layer is composed of a mixed CuI/CuII hydroxide hydrogel (Eq. 7.9c) and 
has large pores, while the top layer is thin, dense, and composed of copper hydroxide and 
carbonate. The incorporation of carbonate into only the outer layer of the hydrogel may be due 
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to the lower concentration of OH− at the gel-bulk interface, so that HCO3− must satisfy the 
charge balance in the hydrogel. It is not obvious whether the two layers were formed in parallel, 
are a result of diffusion and the beginning of Stage 4, or if they are an artifact of ex situ drying.  
Thus, in aerated solutions, a thick layer of hydrogel is formed during Stage 2. While 
the [CuII(sol’n)] plateau was lower than in CO2-free solutions (Table 7.4), the concentration of 
cuprous ions in the hydrogel is higher when Stage 3 begins.  
For 120 h ≤ t ≤ 192 h, the surface was entirely covered with purple and pink oxides 
(Figures 7.2 and 7.3), indicative of Stage 3. In Stage 3, the concentration of CuOH within the 
hydrogel is supersaturated and precipitates as Cu2O.  
2 Cu+(sol’n) + x OH− ⇌ 2 CuOH(solid) → Cu2O + H2O  (7.10) 
The film thickness and the amount of copper in the oxide film were quantified (Table 7.1) 
using the SEM images of the FIB milled cross-sections of the oxide-metal interface. The film 
was assumed to be composed of entirely Cu2O, as the very thin hydrated Cu(OH)2 layer should 
be a negligible fraction of the thickness. The average rate of Cu2O precipitation in Stage 3 was 
99 ± 52 nmol Cu/cm2/h, which is shown in Figure 7.6. This precipitation rate is much higher 
than in CO2-free solutions (62 ± 28 nmol Cu/cm
2/h, Chapter 6), consistent with a higher 
concentration of CuOH in the hydrogel. 
Table 7.1 Amount of copper in the solution and in the surface oxides during corrosion in the 
presence of radiation in a naturally aerated atmosphere. 
Stage Time (h) 
nCu in solution 
(µmol) 
nCu in oxide 
(µmol) 
3 
120 0.27 ± 0.10 3.35 ± 1.27 
144 2.04 ± 1.70 7.56 ± 3.34 
192 5.50 ± 4.86 9.81 ± 6.78 
4 480 0.43 ± 0.22 7.69 ± 2.73 
During Stage 3, the pH fluctuated significantly around its steady-state value from 3.3 
to 4.7 (Figure 7.2). When at low pH values, the cupric ion solubility is high which allows 
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further dissolution. When at the higher values, dissolution ceases as the solution is saturated or 
slightly supersaturated. The result of these large solubility fluctuations is an overall increase 
of [CuII(sol’n)] with time. The average Cu
II
(sol’n) dissolution rate in this stage was 0.56 ± 0.01 
mM/h, which corresponds to a metal loss rate of 35.8 ± 9.1 nmol Cu/cm2/h. 
Stage 4 was observed at t = 480 h, when [CuII(sol’n)] had decreased (Figure 7.2) and the 
precipitation rate slowed (Figure 7.6). Stage 4 starts when the oxide layer grows thick enough 
that the charge transfer required for metal oxidation is hindered. Because cupric ions were not 
being produced in this stage at the metal surface, but were continuously consumed via 
precipitation, [CuII(sol’n)] decreased. Without the production of OH−, the reprecipitation of 
cupric ions during redox-assisted Ostwald ripening of Cu2O crystals included carbonate anions 
to balance charge, which is shown later.  
Cu2O + H2O2 + H2O → 2 Cu
2+
(sol’n) + 4 OH− (7.11a) 
2 Cu2+(sol’n) + 2 OH− + CO3
2− → Cu2(CO3)(OH)2(hydrogel) → Cu2(CO3)(OH)2(solid) 
 (7.11b) 
The general oxide surface was purple (Figure 7.3 and left column in Figure 7.7), 
indicating large Cu2O crystals were covered by a thin layer of hydrogel. The thickness of the 
Cu2O layer was 1.2 ± 0.3 μm (Figure 7.3), which corresponds to 7.72 ± 2.43 μmol of copper 
(summarized in Table 7.1). Figure 7.6 shows the precipitation rate of Cu2O had substantially 
decreased in Stage 4. However, the amount of copper in Cu2O does not account for the total 
amount of precipitated copper due to the growth of large carbonate crystals, as discussed later.  




Figure 7.6 Amount of copper in Cu2O during radiolytic copper corrosion in aerated solutions. 
Figure 7.7 show that the Cu2O crystals grown after 480 h are hoppered (also called 
“skeletal”), that is, the edges of the cube are fully developed but the faces are not. Hoppered 
Cu2O crystals are formed in a kinetically controlled system with a particular balance between 
the rate of complexation, precipitation, and redox reactions.11 This balance is struck either 
when the driving force for crystallization is high, e.g. high supersaturation, or when the 
diffusion around the crystal is limited, e.g. when precipitation is occurring in a gel.11-15 Both 
of these criteria are met in this system, due to the thick hydrogel layer through which cupric 
ions must diffuse. Hoppered Cu2O crystals were not observed in the absence of CO2 as less 
hydrogel was present without its complexation with HCO3−. 




Figure 7.7 Optical (top row) and SEM (bottom row) images of the oxides (left) and hydrogel 
(right) on the copper surface after 480 h in aerated solution in the presence of γ-radiation. 
The hydrogel is present in large quantities during Stage 4 and can be seen in the images 
on the right in Figure 7.7. The hydrogel in the optical image in Figure 7.7 is amorphous and 
clear and appears as a coating across the surface. The SEM image in Figure 7.7 shows a smooth 
layer of hydrogel on the surface. Hydrogel covered Cu2O crystals are also observed in the top 
of the image. Some Cu2O crystals are not covered by the hydrogel (bottom of the image), 
showing the hydrogel does not cover the entire surface equally (also indicated by the variations 
between pink and purple colours across the surface). The red circle in Figure 7.3 also shows 
the hydrogel growth between Cu2O crystals during this stage. 
Large green crystals cover the surface after 480 h (Figure 7.3) which are further 
investigated in Figure 7.8. The Raman spectrum of the large green crystal is shown in Figure 
7.8b, compared to that of the purple Cu2O crystals. The green crystal is characterized as 
malachite, Cu2(CO3)(OH)2, based on the CO stretching peaks at 1064, 1347, 1565 and 2935 
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cm-1, and the hydroxyl stretching peak at 3573 cm-1 (not shown).16 Interestingly, many of these 
peaks overlap with peaks seen in the Raman spectrum of the xerogel species in Figure 7.5b 
(blue trace). The formation of malachite crystals from a Cu-carbonate-hydroxide gel precursor 
is a very common synthesis method for malachite.17,18 These findings validate the proposed 
corrosion mechanism for Stages 3 and 4.  
Growth of a carbonate species is more thermodynamically favoured than that of a basic 
copper nitrate complex (Cu2(CO3)(OH)2 ΔGf = –903.3 kJ/mol; Cu2(NO3)(OH)3 ΔGf = –653.2 
kJ/mol).19,20 Thus, despite the presence of nitrate in this solution, Cu2(CO3)(OH)2 formation is 
energetically favoured during Stage 4. The malachite crystals are large but widely dispersed 
and only account for 1.0 ± 0.5 nmol of copper (compared to the 7.69 ± 2.73 μmol of copper 
present in Cu2O). Although the main ‘corrosion’ product in this stage is malachite, most copper 
is still in the form of Cu2O after the longest measured timeframe.  
 
Figure 7.8 a) Images (optical in top row and SEM in bottom row) and b) Raman spectra of the 
purple and green crystals on a copper surface corroded for 480 h in the presence of 100 μL of 
aerated pure water in the presence of γ-radiation. 
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Overall, the time-dependent behaviours of the copper corrosion products in aerated 
and CO2-free solutions are the same. However, the yields in and durations of each stage vary 
slightly. The presence of HCO3− in solution has been reported to passivate the copper surface. 
21,22 The results presented in this chapter show the surface did not passivate, however, Stage 4, 
when the metal oxidation rate was zero, began earlier in aerated solutions. The rates, durations, 
and yields in each corrosion stage in all cover gas compositions are outlined in Table 7.4. 
7.3.2 Corrosion Dynamics in the Presence of Radiolytically-Produced HNO3  
Purging the atmosphere and solution with 21% O2 (balance Ar) removes the N2 from 
the air and thus, prevents production of HNO3 in the presence of radiation. Water radiolysis 
still produces acidic products (i.e., H+) that cause the pH to decrease with time (see the pH 
evolution in Ar-purged solutions without a corroding system in Appendix A). The results 
presented in this chapter show that the impurity concentration of CO2 was not negligible at 1 
ppm by volume. The time-dependent behaviours of log([CuII(sol’n)]), pH, and the surface 
morphology and colour observed during copper corrosion in the absence of radiation were 
similar to that in aerated solutions and are presented in Appendix C. The time-dependent 
behaviours of log([CuII(sol’n)]), pH, and the surface morphology and colour observed during 
radiolytic copper corrosion are presented in Figures 7.9 and 7.10. The following are the key 
observations.  
Stage 1: When t ≤ 24 h, [CuII(sol’n)] increased quickly while the surface generally 
remained clean from granular oxides. The rate of increase in [CuII(sol’n)] 
was the same as in aerated and CO2-free solutions. 
Stage 2: For 48 h ≤ t ≤ 120 h, [CuII(sol’n)]t remained constant at 3.4 ± 0.2 mM, a 
lower value than in aerated solutions. Unlike in other solution 
compositions, pHt continued to decrease throughout this stage, with a 
final value of 4.9 ± 0.5. The surface remained generally clean of oxides 
and only a few patches of clear, dried hydrogel were observed.  
Stage 3:  For 144 h ≤ t ≤ 240 h, [CuII(sol’n)]t increased at a rate slower than in Stage 
1. The surface was mainly purple in colour, but some pink oxides were 
observed. Spirals on the faces of Cu2O crystals indicate a screw-
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dislocation-driven growth, a requirement for which is a low 
supersaturation concentration of the crystal constituents. 
Stage 4: By t = 480 h, [CuII(sol’n)]t decreased slightly to 6.4 ± 4.0 mM, while pHt 
did not change from the steady-state value reached in Stage 3. The 
surface was covered in a thick layer of pink and purple-coloured crystals. 
  




Figure 7.9 Time-dependent behaviour of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical images, bottom row) during copper corrosion after exposure to a 100 
µL droplet of water previously purged with 21% O2 (balance Ar) (pH0 = 7.0) in the presence 
of γ-radiation. The black dotted lines show the general trend of the data (not based on 
regression analysis). 
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The first measured pHt (t = 24 h, Figure 7.9) was the same as that in aerated solutions 
(5.6). Because the bicarbonate buffer system existed in this solution, the same corrosion steps 
are followed in both aerated and HNO3-free solutions (Eq. 7.8). Thus, Stage 1 was observed 
in the first 24 h, when [CuII(sol’n)] increased, pHt was constant, and the surface showed no oxide 
growth (Figure 7.9). The dissolution rate in Stage 1 was 0.19 ± 0.03 mM/h, corresponding to 
a metal oxidation rate of 11.9 ± 2.2 nmol Cu/cm2/h, which was the same rate as observed in 
Stage 1 in the presence of radiation in other cover gas compositions (Table 7.4). Because the 
metal oxidation rate is determined by the diffusion rate of cupric ions, it is unaffected by the 
absence of NO3− in Stage 1. The duration of Stage 1 in HNO3-free solutions was the same as 
in aerated solutions, indicating that even the trace concentration of HCO3− in solution can 
accelerate the agglomeration and precipitation of Cu(OH)2 colloid particles.  
For 48 h ≤ t ≤ 120 h, [CuII(sol’n)] was constant (Figure 7.9) and dried patches of hydrogel 
were observed on the surface (Figure 7.10), characteristic of Stage 2. Stage 2 starts after 
Cu(OH)2 is supersaturated and precipitates first as colloid particles then as a hydrogel network. 
Some patches of dried hydrogel were observed in the optical images after 48 h (Figure 7.10), 
appearing clear and colourless with no blue colour indicative of a low colloid density. Without 
the production of HNO3 in these solutions, the pH decreases slowly throughout Stage 2 
reaching a steady-state value only at the end of the stage (Figure 7.9). Because the pH 
remained higher in HNO3-free solutions, the solubility of cupric ions was lower than in other 
solutions. Accordingly, the plateau in [CuII(sol’n)] was lower at 3.4 ± 0.2 mM (Figure 7.9), 
which is also consistent with the low colloid density observed in the hydrogel.  
In HNO3-free solutions, Stage 2 was longer than in aerated and CO2-free solutions 
(summarized in Table 7.4). When nitrate is present in irradiated solutions, it reacts with 
radicals (mainly e−(aq) and •OH) that decompose H2O2, thereby increasing the steady-state 
concentration of H2O2.
23 Thus, in HNO3-free solutions, the steady-state concentration of H2O2 
is lower. With a low H2O2 concentration, the rate of reduction of Cu(OH)2 to CuOH (Eq. 7.9) 
is low, and it takes a long time to reach CuOH supersaturation. Therefore, in HNO3-free 
solutions, Stage 2 is elongated. 
Stage 3 begins when CuOH reaches a supersaturation concentration and precipitates as 
Cu2O, observed in nitrate solutions for 144 h ≤ t ≤ 240 h when the surface is completely covered 
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with purple and pink oxides (Figures 7.9 and 7.10). The film thickness and the amount of 
copper in the oxide layer was quantified and summarized in Table 7.2, by using the SEM 
images of the oxide-metal interface in Figure 7.10. The average precipitation rate, assuming 
the film was entirely Cu2O, was determined to be 50 ± 11 nmol Cu/cm
2/h. This is a slower 
precipitation rate than in CO2-free and aerated solutions (all rates are summarized in Table 
7.4) due to the lower supersaturation concentration of CuOH in the HNO3-free solution, 
indicated by lower [CuII(sol’n)]t and less hydrogel growth. The lower supersaturation 
concentration of CuOH is also confirmed by the shape of the Cu2O crystals, as shown and 
discussed next. 
Table 7.2 Amount of copper in the solution and in the surface oxides during corrosion in the 
presence of radiation in an atmosphere of 21% O2 (balance Ar). 
Stage Time (h) 
nCu in solution 
(µmol) 
nCu in oxide 
(µmol) 
2 48 0.13 ± 0.02 ~ 0 
3 
144 0.39 ± 0.12 1.91 ± 1.20 
168 0.53 ± 0.17 3.71 ± 1.59 
240 2.25 ± 0.32 7.56 ± 2.47 
4 480 0.30 ± 0.15 10.20 ± 3.09 
 
High magnification SEM images of the Cu2O crystals during Stage 3 (t = 144 h) are 
shown in Figure 7.11. Spirals on the {100} faces on the Cu2O crystals are characteristic of a 
screw dislocation growth mechanism. Screw-dislocation-driven crystal growth requires the 
reactants to be at a low supersaturation concentration, so that the crystal growth is faster at the 
dislocation spirals along the z-direction than the radial (xy-direction, across the crystal 
face).24,25 This mechanism of crystal growth validates the proposed corrosion mechanism in 
Stage 3 and the effects of the HNO3-free solution.  




Figure 7.11 Screw dislocations on the Cu2O crystals after 144 h of radiolytic corrosion HNO3-
free solutions. 
Once the oxide layer had grown thick enough to hinder electron transport, Stage 4 
begins. Without its production via metal oxidation, [CuII(sol’n)] decreases to 6.0 ± 3.0 mM 
(Figure 7.9) and the precipitation rate of Cu2O slows (Figure 7.12). The metal oxidation rate 
in this stage is zero, but precipitation and the redox-assisted Ostwald ripening of crystals 
continues. When anions are present in solution, they can participate in the reprecipitation of 
cupric ions during redox-assisted Ostwald ripening, which converts Cu2O into cupric-hydroxy-
anion crystals. Nitrate was incorporated into the hydrogel network in CO2-free solutions, and 
large copper-hydroxy-carbonate (malachite) crystals were observed in aerated solutions. 
Despite it being present in trace amounts, there was no indication of carbonate incorporation 
into the hydrogel or as crystals in HNO3-free solutions.  




Figure 7.12 Amount of copper in Cu2O during radiolytic corrosion as a function of corrosion 
time in solutions previously purged with 21% O2 (balance Ar).  
This section investigated radiolytic copper corrosion in the absence of radiolytically-
produced HNO3. Without the production of HNO3, the pH decreased slowly throughout Stages 
1 and 2 and reached a relatively high steady-state value. The rate of Stage 1 was unaffected, 
but the [CuII(sol’n)] yield at the end of the stage was lower. Lower [Cu
II
(sol’n)] during Stage 2 
results in a lower concentration of cupric and cuprous ions within the hydrogel. Without nitrate, 
the concentration of H2O2 was lower, which contributed to the elongation of Stage 2 and lower 
[CuOH] within the hydrogel. The lower supersaturation concentration of CuOH was confirmed 
by the screw-dislocations observed on the Cu2O crystals during this stage. With less CuOH, 
the precipitation rate in Stage 3 was lower. The rates and durations of each stage are 
summarized in Table 7.4. 
7.3.3 Corrosion Dynamics in Deaerated Solutions 
Solutions and vials used in this section were purged with Ar(g) before the onset of 
corrosion. Copper’s high reduction potential renders its oxidation by water impossible.26 In 
deaerated solutions in the absence of radiation, the oxidant for copper corrosion can only be 
the trace amount of O2 trapped in solution (2 ppm by volume). In the presence of radiation, 
water will decompose into redox active and acidic species that are always produced, however, 
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the steady-state concentrations are different than those in aerated solutions, discussed in detail 
later. 
7.3.3.1  In the Absence of Radiation 
The time-dependent behaviours of log([CuII(sol’n)]), pH, and the surface morphology and 
colour observed during copper corrosion in deaerated solutions in the absence of radiation are 
shown in Figure 7.13. The key observations are listed below, and an in-depth discussion 
follows. 
Stage 1: When t ≤ 48 h, [CuII(sol’n)] increased with time. The concentration of 
cupric ions in solution is approximately the same as was seen in 
oxygenated solutions. The surface was a yellow colour indicating the 
coverage by a thin layer of small Cu2O crystals. The pH remained 
constant at the initial pH (7.0). 
Stage 2:  For 48 h ≤ t ≤ 72 h, [CuII(sol’n)]t remains constant with time which is 
characteristic of this stage, during which the hydrogel growth is 
controlling the overall rate of corrosion. The pHt decreased at the start 
of the stage but remained constant at 6.5 ± 0.4. This stage was very short 
in these highly reducing conditions, and the hydrogel was not directly 
observed. 
Stage 3:  When t ≥ 96 h, a large proportion of the surface is covered with pink and 
purple oxides. The pH remains constant at the value from Stage 2. 
[CuII(sol’n)] at all t is equal to or higher than that in oxygenated solutions. 




Figure 7.13 Time-dependent behaviour of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical images, bottom row) during copper corrosion after exposure to a 100 
µL droplet of Ar-purged water (pH0 = 7.0) in the absence of γ-radiation. The black dotted lines 
show the general trend of the data (not based on regression analysis). 
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In the first 48 h, the pH does not change significantly from its initial value of 7.0, shown 
in Figure 7.13. This indicates that the production of OH− via the initial charge transfer 
reactions, and the consumption of OH− via cupric ion hydrolysis are stoichiometrically equal. 
Thus, in deaerated solutions the overall corrosion reaction in Stage 1 is: 
Cu0(m) + ½ O2 + H2O → Cu(OH)2(solv)    (7.12) 
As the concentration of Cu(OH)2(solv) increases, it will precipitate as colloid species. Because 
there are no significant variations in [OH−] from z = 0 to the bulk solution, the precipitation 
will happen approximately homogeneously in the interfacial and bulk solution. Like in 
oxygenated solution, [CuII(sol’n)] during Stage 1 increases linearly shown in Figure 7.13, due 
to the continuous production of dissolved/dispersed cupric species. However, the surface 
during this stage is yellow (Figure 7.13), indicating that the surface is covered with small Cu2O 
crystals.  
The colloid particles begin to agglomerate and grow as a hydrogel network in Stage 2, 
observed in Figure 7.13 for 48 h ≤ t ≤ 72 h, when [CuII(sol’n)] is constant with time. The 
[CuII(sol’n)] plateau was at 0.25 ± 0.02 mM, which is the same as in CO2-free solutions. That is, 
despite significantly less O2 in solution, the amount of metal loss (copper dissolution) in 
deaerated solutions is approximately equal to that in oxygenated solutions (without CO2), 
demonstrating that the oxidant concentration does not affect the overall metal oxidation yield. 
As shown in previous chapters and previous sections in this chapter, the hydrogel 
growth includes the precipitation of Cu(OH)2 colloid particles that join the solid network, as 
well as redox coupling that produces a mixed CuI/CuII hydroxide hydrogel (Eq. 7.6). These 
reactions create a cyclic feedback loop in the hydrogel growth. Deaerated solutions are more 
reducing than oxygenated solutions, and therefore the reduction of Cu2+(sol’n) is more efficient. 
Accordingly, Stage 2 in deaerated solutions is short (24 h, compared to 152 h in CO2-free 
solutions, summarized in Table 7.4) and the complete coverage of the surface by oxides begins 
early. When t ≥ 96 h, the surface is pink and purple (optical images in Figure 7.13), indicating 
large Cu2O crystals had grown on the entire surface with various thicknesses of a Cu(OH)2 
layer over the crystals.  
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Despite the significantly lower O2 concentration, the measured [Cu
II
(aq)] within the 
experimental timeframe is within the range seen in the presence of other cover gases (0.1 to 
1.6 mM). This is consistent with the results presented in Chapter 5 which showed that the 
oxidant concentration had little effect on copper dissolution rate or yield. It is also consistent 
with our proposed mechanism, in which the metal cation transport rate determines the overall 
metal oxidation rate, and the Cu(OH)2 solubility determines maximum yield of dissolved 
cupric ions. The same [CuII(sol’n)] and more oxide growth in Stage 3 indicates more overall 
Cu0(m) loss in deaerated solutions than in oxygenated solutions. 
The time-dependent results from deaerated solutions show that copper dissolves to the 
same extent regardless of [O2]. The results presented in this section also show that direct 
oxidation of Cu0(m) to Cu2O is unlikely even in solutions with a very low concentration of O2. 
Deaerated solutions are more reducing which allows the concentration of cuprous ions within 
the hydrogel to increase faster than in oxygenated solutions. Thus, Stage 3 begins early and 
large Cu2O crystals can grow.  
7.3.3.2  In the Presence of Radiation 
In deaerated solutions, only water, not humid air, will undergo radiolytic 
decomposition. Thus, HNO3 is not produced in these solutions. Many key water radiolysis 
species, including H2O2 and O2, are produced in a much lower steady-state concentration in 
deaerated solutions due to a low initial O2 concentration. Other species, including •OH and 
e−(aq), are produced in higher concentrations.
27 Thus, deaerated solutions are less oxidizing than 
aerated solutions. 
The time-dependent behaviours of log([CuII(sol’n)]), pH, and the surface morphology and 
colour observed during radiolytic copper corrosion in deaerated solutions are shown in Figures 
7.14 and 7.15. The observations described below allowed for the identification of the stages.  
Stage 2: By the first measurement (24 h), [CuII(sol’n)] had increased to 1.8 ± 0.2 mM 
and the pH decreased to its steady-state value of 4.3 ± 0.4, which was 
lower than in oxygenated solutions. A large proportion of the surface is 
blue, indicating Cu(OH)2 hydrogel growth.  
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Stage 3: For t ≥ 48 h, [CuII(sol’n)] increased linearly with time for the length of the 
experiment, while pHt remained constant. The surface is covered with 
mostly purple granular oxides, with variations in size of oxides between 
the middle and the edge of the coupon. The Cu2O precipitation rate was 
constant. 
  




Figure 7.14 Time-dependent behaviour of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical images, bottom row) during copper corrosion after exposure to a 100 
µL droplet of Ar-purged water (pH0 = 7.0) in the presence of γ-radiation. The black dotted lines 
show the general trend of the data (not based on regression analysis). 
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By the first measurement (24 h), the surface was partially covered in a blue species 
(optical images in Figures 7.14 and 7.15), indicating hydrogel growth. Localized areas of 
hydrogel growth were also observed in Figure 7.15, indicated by the red circles. Some patches 
appeared as blue circles surrounded by a yellow ring (middle row in Stage 2 in Figure 7.15), 
some had a lower colloid density and were transparent and colourless (bottom row in Stage 2 
in Figure 7.15). [CuII(sol’n)]t had increased to 1.8 ± 0.2 mM and pHt decreased from 7.0 to 4.3. 
These observations suggest the main corrosion process at this time is hydrogel growth. Thus, 
the progression through Stages 1 and 2 is very quick in irradiated deaerated solutions (24 h, 
compared to 100 h in CO2-free solutions in Chapter 6).  
In unirradiated solutions, it was shown that the main form of cupric ions in Stage 1 is 
Cu(OH)2(solv) and the net production of [OH−] (or [H
+]) is zero. Thus, the radiolytic production 
of acidic species (mostly H+) causes pH to decrease quicker than it does in oxygenated 
solutions. Accordingly, Figure 7.14 shows that within 24 h, pH was at its low steady-state 
value of 4.3 ± 0.4. As the concentration of cupric ions increases Cu(OH)2 precipitates as colloid 
particles and a hydrogel network on the surface. In the more reducing solution, the reduction 
of cupric ions in the hydrogel to cuprous ions (Eq. 7.9) starts almost immediately after 
precipitation), and thus, Stage 2 is shorter in deaerated compared to oxygenated solutions (also 
observed in unirradiated solutions).  
For the remainder of the experimental timeframe (48 – 480 h), pH remained at a low 
steady-state value of 4.3 ± 0.4, [CuII(sol’n)] increased with time, and the surface was completely 
covered with purple and pink-coloured oxides (Figure 7.14 and 7.15). The complete coverage 
by Cu2O particles is characteristic of Stage 3. Stage 3 begins after CuOH within the hydrogel 
reaches supersaturation and because the reduction of cupric ions begins early in deaerated 
solutions, Stage 3 was observed to start early compared to in oxygenated solutions. The rate of 
precipitation was quantified by the Cu2O layer thickness obtained from the SEM images of the 
metal-oxide interface (bottom row in Figure 7.15). The amount of copper in the oxide layer 
compared to in solution is shown in Table 7.3, and the precipitation rate is illustrated in Figure 
7.16. The precipitation rate in deaerated solutions was 47 ± 4.5 nmol Cu/cm2/h, a slower rate 
than in oxygenated solutions (all rates are summarized in Table 7.4). The slower precipitation 
rate is consistent with the results presented in Chapter 5 that showed that the amount of Cu2O 
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precipitation is directly proportional to [H2O2]. That is, although Cu2O growth starts earlier in 
the deaerated solutions compared to oxygenated solutions, its formation is slower because of 
the lower [H2O2]. 
Table 7.3 Amount of copper in the solution and in the surface oxides during corrosion in the 
presence of radiation in a deaerated atmosphere. 
Stage Time (h) 
nCu in solution 
(µmol) 
nCu in oxide 
(µmol) 
3 
48 0.16 ± 0.05 1.80 ± 0.87 
144 0.91 ± 0.76 2.87 ± 1.35 
192 1.47 ± 1.01 4.87 ± 1.75 
240 0.91 ± 0.11 7.30 ± 1.84 
480 8.76 ± 2.14 15.4 ± 3.95 
 
Figure 7.16 Amount of copper in Cu2O as a function of radiolytic corrosion time in 
deaerated (Ar-purged) solutions. 
In deaerated solutions, Stage 4 was not observed even after 480 h, indicated by the 
continuous increase in both [CuII(sol’n)] (Figure 7.14) and oxide film thickness (Figure 7.16) 
that show that metal oxidation is not zero. That is, despite the oxide thickness being comparable 
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to that in other solutions (Table 7.4), metal oxidation through it is not impeded. This is 
attributed to two characteristics of the oxide film that were unique to that grown in deaerated 
solutions and discussed below.  
The metal-oxide interfaces after 480 h in deaerated and oxygenated solutions are shown 
in Figure 7.17. The interface in all oxygenated solutions is smooth and the oxide layer is 
approximately uniform across the surface. However, in deaerated solutions, crystals grew 
individually and large, as opposed to growing a compact film. The growth of individual 
particles as opposed to in a compact film is a result of the slower precipitation. Slow 
precipitation allows the crystal constituents to precipitate in the most favourable location (on 
other crystals), as opposed to forming many small seed crystals which grow uniformly on the 
surface.28 Thus, although the entire surface is covered with oxides, some areas are covered by 
only a thin layer of oxides (indicated by the red circle in Figure 7.17) and charge transfer 
(metal oxidation) can continue in these areas.  
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Another observation that was unique to deaerated solutions was that there was a 
significant difference in colour and Cu2O crystal size throughout Stage 3 (Figure 7.14). Figure 
7.18 shows optical and SEM images from the middle and the edge of the coupon after 480 h 
of radiolytic copper corrosion in deaerated solutions. Cu2O crystals at the edges of the coupon 
show substantially more signs of dissolution than those in the centre. Dissolution of the oxides 
on the edges occurred indiscriminately on all faces, although some of the more intact oxides 
had collapsed {100} facets (indicated with red arrow in Figure 7.18, the same facet that was 
hoppered in aerated solutions). Thus, metal surface is more exposed to the solution on the 
edges of the coupon allowing continuous metal oxidation in this area. In sum, the oxide film 
thickness has significant variations on a small scale (shown in Figure 7.17) and on a larger 
scale (across the entire surface, shown in Figure 7.18).  
 
Figure 7.18 Optical (top row) and SEM (bottom row) images of the middle and edge of the 
coupon after 480 h of corrosion time in deaerated solutions in the presence of γ-radiation. The 
red arrow indicates the sunken-in {100} facet. 
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Recently, a paper was published29 that proposed that the main oxidant in the presence 
of radiation is O2, not H2O2. These experiments clearly show that this cannot be the case. In 
the presence of radiation two orders of magnitude less O2 is produced in the deaerated 
environment than in aerated conditions, yet both solutions result in same measured [CuII(sol’n)] 
and similar oxide growth (when t ≤ 192, but more oxide growth in deaerated solution at t = 
480 h). The authors reached this conclusion based on experiments done in N2-purged solutions 
compared to aerated solutions without purging, but in this case, it is not the removal of O2 that 
causes less oxide growth (in N2-purged solutions), it is the physical removal of Cu
2+
(sol’n) from 
the surface by the fluid convection caused by purging. This physical removal of Cu2+(sol’n) from 
the surface prolongs its accumulation, and thus, reaching stages beyond Stage 1 is difficult. 
This section showed that the elementary reactions that control the corrosion rate as a 
function of time are the same in deaerated and oxygenated solutions. Because deaerated 
solutions are more reducing, Cu(OH)2
 reduction to CuOH (which precipitates as Cu2O) is more 
efficient and Stage 2 is short. Oxide growth started earlier but the rate of its formation was 
slower due to a lower [H2O2], resulting in the individual particles growing in size, rather than 
the formation of a compact layer. Charge transport through the oxide (Stage 4) was not 
observed in the experimental timeframe, as it was for oxygenated solutions, thus the [CuII(sol’n)] 
yield at the end of Stage 3 was higher than that in oxygenated solutions (Table 7.4). This 
suggests that there is more material loss in deaerated solutions than in oxygenated solutions.  
7.4  CONCLUSIONS 
The effects of cover gas composition on copper corrosion dynamics were 
investigated. The cover gas environments chosen all add or remove a key pH-affecting or redox 
active species from solution and are all atmospheres the copper layer of the UFC may be 
exposed to. Aerated solutions contain CO2/HCO3, 21% O2 (balance Ar) solutions do not 
produce HNO3 via radiolysis, and deaerated solutions have only trace amounts of O2 in 
solution. Regardless of this wide range of solution/cover gas compositions, the corrosion stages 
were consistent, however, the rates, durations, and/or yields in each corrosion stage change 
with solution composition and are summarized in Table 7.4. 
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Table 7.4 Summary of duration, rates, and yields in each stage during radiolytic copper 
corrosion after exposure to a 100 μL droplet of CO2-free, aerated, 21% O2 (balance Ar), and 
deaerated solution. 
Cover gas: CO2-free Aerated 21% O2 Deaerated  
Stage 1 




11.6 ± 1.2 12.6 ± 4.0 11.9 ± 2.2 -- 
Stage 2 
Duration (h) 48 48 72 24 
[CuII(sol’n)] plateau 
(mM) 
6.0 ± 2.8 4.2 ± 2.1 3.4 ± 0.2 1.8 ± 0.2 
Steady-state pH 4.6 ± 0.4 4.3 ± 0.4 4.9 ± 0.5 4.3 ± 0.4 
Stage 3 








6.8 ± 1.3 35.8 ± 9.1 4.4 ± 0.5 13.6 ± 6.3 
Stage 4 Stage 3 
Observed after (h) 480 480 480 480 
Amount of Copper 
in Oxides (μmol) 
14.7 ± 3.2 
7.7 ± 2.4 
+ 1.0 ± 0.5 
10.2 ± 3.1 15.4 ± 3.9 
Amount of Copper 
in Solution (μmol) 
0.45 ± 0.08 0.43 ± 0.22 0.30 ± 0.15 8.8 ± 2.1 
Total amount of 
Copper Oxidized 
(μmol) 
15.2 ± 3.3 8.2 ± 3.3 10.5 ± 3.2 24.2 ± 6.0 
Depth of Copper 
Oxidation (μm) 
1.4 ± 0.30 0.74 ± 0.30 0.95 ± 0.29 2.2 ± 0.54 
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The rate of Stage 1 was not affected by any of the studied cover gas compositions. 
However, the presence of CO2/HCO3− and O2 prolonged Stage 1. Stage 2 was prolonged when 
HNO3 is not present and in oxygenated solutions. The presence of CO2/HCO3− resulted in a 
fast Cu2O precipitation rate in Stage 3, while in deaerated solutions, it was slower. Stage 3 was 
much longer in deaerated solutions compared to oxygenated solutions due to large variations 
in oxide thickness across the surface allowing for continuous charge transfer.  
The results in this chapter show that the proposed mechanism explains phenomena in 
all studied conditions. Regardless of the solution conditions, the elementary reactions that 
control the corrosion rate do not change. Similarly, the stepwise evolution of the elementary 
reactions with corrosion time (corrosion stages and their order) are unaffected by solution 
conditions. However, the rate of the individual elementary reactions can be dependent on 
solution conditions and the duration of the individual stages. In sum, this chapter established 
the combined effects of cover gas composition and the presence of γ-radiation on the corrosion 
dynamics. The results in this chapter contribute to the database required for the development 
of a robust copper corrosion model and thus, is a key step towards this future goal. 
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CHAPTER 8. EFFECTS OF INITIAL SOLUTION pH AND DEPTH ON THE 
COPPER CORROSION DYNAMICS 
8.1  INTRODUCTION 
The copper layer of the UFC will be exposed to a variety of conditions that change 
throughout its lifetime. It will be exposed to humid air, condensed water droplets, and water 
films which could provide the aqueous medium required for corrosion to occur.1 The solution 
volumes that the copper layer will be exposed to will be small (small water volume per unit 
copper surface area) and limited by the gap between the UFC and the bentonite clay buffer. 
Furthermore, the aqueous solution in contact with the copper layer could be condensed humid 
air or ground water with an expected pH range of 6 − 9.2 To accurately predict the extent of 
copper corrosion after long time periods, the effect of these changing parameters on the 
corrosion rate must be understood. 
Chapter 6 showed that the elementary reactions involved in the overall corrosion 
process evolve with time in a stepwise manner. Solution conditions affect the relative rates of 
the elementary reactions and thus, the rates and duration of each corrosion stage. The corrosion 
rate in Stage 1 is determined by the rate of cupric ion diffusion and the duration is determined 
by the concentration of cupric ions that can be in solution according to the solubility. The 
corrosion yield at the end of Stage 1 has a large impact on the corrosion rate in the subsequent 
stages. Thus, the overall corrosion dynamics can be significantly affected in solution 
conditions that change the mass transport of cupric ions.  
If cupric ions can accumulate in solution (e.g., in stagnant solutions, small volumes), 
their solution reactions and transport processes can become increasingly important with time. 
Solution reactions involving the initial metal oxidation product, Cu2+(sol’n), can establish cyclic 
feedback loops with preceding processes (including charge transfer at the metal surface) and 
in Chapter 6, it was demonstrated that these feedback loops are enhanced in the presence of 
radiation. The solution reactions and transport processes of metal cations are significantly 
affected by solution parameters, including pH, ionic strength, temperature, and presence of 
anions. However, if cupric ions are not able to accumulate, corrosion cannot proceed past the 
initial corrosion steps, and active metal loss can occur for a very long time. 
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Copper corrosion occurs through the oxidation of solid metal (e.g., Cu0(m)) to the 
soluble metal cation (e.g., Cu2+), coupled with the reduction of oxidant (e.g., O2 to OH−), at the 
metal-solution interface (z = 0, where z is the distance from the metal surface) (Eq. 8.1).  
Cu0(m) + ½ O2 + H2O ⇄ Cu2+ + 2 OH− (8.1) 
The initial corrosion products subsequently transport between the interface (z = 0) and the bulk 
solution (z = δdiff) (Eq. 8.2). 
Cu2+|z = 0⇝ Cu2+|z = δdiff (8.2a) 
OH−|z = 0 ⇝ OH−|z = δdiff (8.2b) 
Because the overall process of corrosion involves interfacial electron and mass transfer 
reactions and mass transport through the solution phase, the rate of corrosion depends strongly 
on the redox and transport conditions of the solution in contact with the metal. 
In this chapter, the corrosion dynamics in conditions that affect the mass transport of 
cupric ions are investigated by using an initial pH of 9.0 and various solution volumes/depths 
in the presence of radiation. These conditions are also directly related to the conditions the 
copper layer will experience in the DGR, i.e., pH values of 6.0 (studied previously) to 9.0 
(studied herein) and a variety of small solution depths. The corrosion dynamics are determined 
by following the bulk concentration of cupric ions, pH, and morphology and composition of 
the surface oxides as a function of time. 
8.2  EXPERIMENTAL 
8.2.1 Materials and Solutions 
All experiments were performed with high purity copper (99.9% purity) coupons made 
from wrought copper samples (provided by SKB, the Swedish Nuclear Waste Management 
Company) with an exposed surface area of 0.785 cm2. Copper coupons were ground using 
silicon carbide papers with grit size 400, 800, and 1200 in succession. The coupons were then 
washed with deionized water, dried under flowing Ar(g) and placed in a 20 mL vial sealed with 
an aluminum crimp cap with a polytetrafluoroethylene (PTFE)-coated silicone septum 
(Thermo Fisher Scientific, Waltham, MA). More information on this procedure is provided in 
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Section 3.1. All solutions used in this study were prepared using water purified with a 
NANOpure Diamond UV ultra-pure water system (Barnstead International, Dubuque, IA) to 
give a resistivity of 18.2 MΩcm.  
8.2.2 Experimental Details Specific to Section 8.3.1 
The pH was adjusted to 9.0 by adding a dilute solution of high-grade sodium hydroxide 
(≥ 98 %, Sigma Aldrich, St. Louis, MO) dropwise. Solutions were purged with compressed 
zero air (CO2-free air, Praxair, Danbury, CT), 21% O2 balance Ar (Praxair, Danbury, CT), or 
ultra high purity Ar(g) (Praxair, Danbury, CT) for 1 h. Aerated solutions were not purged. More 
details on the setup procedure can be found in Section 3.1. 100 μL of the sample solution was 
placed on the copper surface by injection into the sealed vial using a syringe. Radiation 
experiments were performed using a MDS Nordion Gamma Cell 220 Excel 60Co irradiator, as 
described in Section 3.2, and non-radiation experiments were done by leaving the vials on the 
benchtop, in otherwise the same conditions. 
8.2.3 Experimental Details Specific to Section 8.3.2 
The solutions used in this section were prepared using NANOpure Diamond UV ultra-
pure water (Barnstead International, Dubuque, IA) with a resistivity of 18.2 MΩcm. In 
experiments with a large solution depth (‘dsol’), the copper coupons were embedded in poly-
vinyl chloride heat shrink tubing (Techflex, Sparta, NJ) with an inner diameter of 15.88 mm 
and only the top, polished copper surface was exposed to the solution (left, Figure 8.1). The 
solution volumes were 2.0 mL (dsol = 2.5 cm), 1.0 mL (dsol = 1.27 cm), and 0.5 mL (dsol = 0.80 
cm). The experiment with the smallest solution depth (dsol = 0.25 cm), was an immersion 
experiment, where the coupon was submerged in 2.0 mL of water (right, Figure 8.1). The 
coupon was covered with Parafilm (Bemis Company, Inc, Neenah, WI) so that only the top, 
polished surface was exposed to the solution (not imaged). 




Figure 8.1 Copper coupons with different solution depths by using shrink tubing (left) and 
immersion (right). In the immersion experiments, coupons were covered with Parafilm on all 
sides other than the top surface (not shown). 
8.2.4 Post-Test Analyses  
Experiments were terminated by removing the solution using a Pasteur pipette. The 
copper coupon was washed and dried using Ar(g) gas (Praxair, Danbury, CT). Optical images 
were taken using a Leica DVM6A digital microscope, as outlined in Section 3.3.1, then the 
coupon was stored under vacuum. Scanning electron microscopy (SEM) was performed at the 
Western Nanofabrication Facility using Zeiss LEO 1530 and 1540XB instruments (Section 
3.3.2).  
The pH of the solution was determined using a Thermo Scientific Orion 9110DJWP 
Double Junction Micro-pH Electrode, as outlined in Section 3.4.1. The solution was then 
diluted for inductively coupled plasma optical emission spectroscopy (ICP-OES) (PerkinElmer 
Avio 200 ICP-OES) following the procedure outlined in Section 3.4.2. 
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8.3  RESULTS AND DISCUSSION 
8.3.1 Effect of a Higher Starting pH  
Increasing the initial pH (pH0) from 7.0 to 9.0 does not significantly affect the transport 
rate of cupric ions. However, at pH 9.0, the solubility limit of cupric ions is at a minimum and 
is 2 orders of magnitude lower compared to at pH 7.0. Certainty, during corrosion, pHt changes 
with t and z and the main form of cupric ions in solution is dependent on the [OH−] and 
[CuII(sol’n)]: 
Cu2+ + 2 OH− ⇌ Cu(OH)+ + OH− ⇌ Cu(OH)2(solv) + H2O ⇌ Cu(OH)3− + H+ (8.2) 
In this section, the effects of pH0 = 9.0 are investigated in small solution droplets in the 
presence and absence of radiation. Although all cover gas compositions studied in Chapters 6 
and 7 (i.e., CO2-free air, aerated, 21% O2 (balance Ar), deaerated) were used, only the results 
from the CO2-free air solution are presented herein; the time dependent behaviour for all cover 
gas compositions can be found in Appendix C.  
8.3.1.1  In the Absence of Radiation  
The time-dependent copper corrosion behaviour in the absence of radiation in a water 
droplet scrubbed of CO2 is shown in Figure 8.2. Three kinetic stages were identified that are 
consistent with the corrosion mechanism developed in Chapter 6 for droplets with pH0 = 7.0. 
The observations which allowed for the identification of the stages are described below.  
Stage 1a:  By the first measurement (t = 16 h), log([CuII(sol’n)]t) increased to −4.4 ± 0.1 




were approximately the same. No significant granular oxide deposits were 
observed on the surface. These observations were the same as when pH0 = 
7.0, despite the significant difference in [OH−]0.  
Stage 1b: For 16 h < t ≤ 40 h, both [CuII(sol’n)]t and pHt increased with time. The pHt 
increased to a steady state value of 8.3 ± 0.1, corresponding to the pKa of 
Cu(OH)+. The solution remained supersaturated with CuII(sol’n), but the 
surface generally remained free of granular oxide deposits.  
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Stage 2: For 48 ≤ t < 200 h, [CuII(sol’n)]t and pHt fluctuated with time around average 
values. The average [CuII(sol’n)]t value was 0.2 ± 0.1 mM (log([Cu
II
(sol’n)] = 
− 3.7), which was slightly lower than in Stage 2 in pH0 = 7.0 solutions. The 
average pHt value was 8.3 ± 0.1, which corresponded to the Cu(OH)
+ pKa. 
The solution remained supersaturated with cupric ions. While some oxide 
growth was seen around the edge of the coupon, the surface in general 
remained free of granular oxide deposits. However, patches of dried 
Cu(OH)2 hydrogel were observed on the surface during this stage. 
Stage 3: After 480 h, some patches of Cu2O were observed on the surface, however 
the general surface did not show signs of complete coverage with Cu2O like 
in Stage 3 in pH0 = 7.0 solutions. [Cu
II
(sol’n)]t continued to fluctuate around 
the average value in Stage 2, but the pHt had decreased to 6.4 ± 0.1.  




Figure 8.2 Time-dependent behaviour of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical images, bottom rows) during copper corrosion after exposure to a 100 
µL water droplet (previously purged of CO2) with pH0 = 9.0 in the absence of γ-radiation. The 
solution data is compared to that after exposure to pH0 = 7.0 water (black squares, data from 
Chapter 6). Red circles in the optical images show the Cu(OH)2 hydrogel. The black dotted 
lines show the general trend of the data (not based on regression analysis). 
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In Chapter 4, it was shown that when the pH0 is near the equivalence point for water, 
small increases in [OH−] via Eq. 8.1 can significantly increase the pH at z = 0. The high pH in 
turn causes a shift in the cupric ion hydrolysis equilibrium (Eq. 8.2) to the far right fast enough 
that the charge transfer, the mass transfer, and the cupric ion hydrolysis can be considered one 
elementary reaction: 
Cu0(m) + ½ O2 + H2O → Cu(OH)3− + H+ in Stage 1a (8.3) 
The products from the initial elementary reaction diffuse from the metal surface, where they 
were formed, to the bulk solution.  
Cu(OH)3−|z = 0 ⇝ Cu(OH)3−|z = δdiff  in Stage 1a (8.4a) 
H+|z = 0 ⇝ H+|z = δdiff in Stage 1a (8.4b) 
With no other acid-base equilibria established in solution (i.e., in CO2-free air), the rates of 
increase in [Cu2+(sol’n)]t and [H
+]t are the same.  
Although solutions with pH0 = 9.0 are not initially close to the equivalence point of 
water, the high [OH−]0 at z = 0 has a similar affect on the cupric ion hydrolysis. That is, the 
amount of [OH−] produced via Eq. 8.1 combined with the already high [OH−]0 at z = 0 is 
sufficiently high enough to push the hydrolysis equilibrium towards the formation of 
Cu(OH)3−. Accordingly, the first measured pHt (t = 16 h, pink in Figure 8.2) had decreased to 
4.5 while log([CuII(sol’n)]t) increased to −4.7 ([Cu
II
(sol’n)] = 40 μM), and their production rates 
are approximately the same. Therefore, in Stage 1a, corrosion occurs via Eq. 8.3 and 8.4 for 
solutions with pH0 = 9.0. 
The increasing [H+]t causes the hydrolysis equilibrium to shift to the left, which 
consumes H+ and causes the rate of increase in [Cu2+(sol’n)]t and [H
+]t to deviate from each other. 
At the end of Stage 1a, pHt reaches a minimum as Cu(OH)2(solv) begins to form, then increases 
with time in Stage 1b (Figure 8.2) due to the production of Cu(OH)+.  
Cu(OH)3− + H
+ → Cu(OH)2(solv) + H2O → Cu(OH)
+ + OH− in Stage 1b  (8.5) 
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Because OH− is produced at z = 0, the interfacial solution has a higher pHt than the bulk solution 
during Stage 1b. As Cu2+(sol’n) transports through the diffusion layer, its solubility decreases 
with z. The decrease in solubility causes Cu2+(sol’n) to approach the solubility limit and Cu(OH)2 
precipitates as solid colloid particles (Cu(OH)2(colloid))  in the bulk solution (away from the 
metal surface). These colloid particles remain dispersed in the bulk solution and are included 
in the measured [CuII(sol’n)]. Despite the large changes in pHt during Stage 1 (from 4.5 to 9.0), 
the increase in [CuII(sol’n)] is linear at 15 ± 3 μM/h, shown in Figure 8.2.  
As the concentration of Cu(OH)2(colloid) in the bulk solution increases, the frequency of 
their collision increases and when they collide, they agglomerate. The colloid particles will 
accumulate water molecules during aggregation due to strong hydrogen bonds between the 
colloid molecules and the surrounding water molecules.3,4 The colloid agglomeration results 
in the formation of a hydrogel, which consists of a network of loosely connected Cu(OH)2 
colloid (solid) particles with a mobile phase of CuII(sol’n)-saturated solution in the interstices.
5-
7 The precipitation of Cu(OH)2 hydrogel marks the beginning of Stage 2. 
The hydrogel grows as the colloids dispersed in the bulk solution join the solid network 
(i.e., the colloid density increases within the hydrogel). The hydrogel growth, then, removes 
Cu2+(sol’n), while metal oxidation produces Cu
2+
(sol’n) and the removal and production rates of 
Cu2+(sol’n) are approximately equal causing the [Cu
II
(sol’n)] to be constant with time in Stage 2, 
fluctuating around a value of 0.20 mM (log([CuII(sol’n)] = − 3.7, Figure 8.2). Because the rates 
of production of Cu2+(sol’n) (via Eq. 8.3) and of removal of Cu
2+
(sol’n) (via hydrogel precipitation) 
are the same, the overall corrosion rate in this stage is equal to the precipitation rate of the 
hydrogel. Similarly, pHt fluctuates around a value of 8.3 ± 1, due to Cu(OH)2(solv) and Cu(OH)
+ 
produced in Stage 1b buffering the pH.  
Cu(OH)+ + H2O ⇌ Cu(OH)2(solv) + H+          pKa = 8.3  (8.6) 
The growth of the hydrogel layer at z = 0 during Stage 2 creates a transport barrier for 
Cu2+(sol’n) and they get trapped next to the metal surface. When cupric ions (as dissolved or 
dispersed colloidal species) get trapped next to the metal surface, they can more easily reduce 
to Cu+ species, coupled with the oxidation of Cu0(m) to Cu
2+
(sol’n).
8 As Cu+(sol’n) dissolves into 
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the solution next to the metal surface, it establishes fast hydrolysis equilibria in the mobile 
phase of the hydrogel and is incorporated into the hydrogel as a solid species. 
Cu0(m) + Cu
2+
 (sol’n) → 2 Cu
+




 →  
 mixed CuI/CuII hydroxide hydrogel   (8.7b) 
The reduction of Cu2+(sol’n)/Cu(OH)2 to Cu
+
(sol’n)/CuOH via Eq. 6.21 accelerates further 
precipitation of Cu(OH)2 colloid particles. The faster growth of hydrogel, in turn, increases the 
rate of Cu+(sol’n) formation. That is, a cyclic feedback loop between the formation of Cu(OH)2 
hydrogel (Eq. 6.18) and its reduction to Cu+(sol’n) (Eq. 6.21) is established. 
Localized areas of dried hydrogel were observed on the surface during Stage 2 (red 
circles in Figure 8.2). In the absence of radiation, the hydrogel is highly hydrated with a low 
colloid concentration, which dilutes the blue colour of the Cu2+ complex. Accordingly, the 
observed hydrogel was clear. The hydrogel precipitation occurs in thin strips that could not be 
correlated the metal grinding lines, and it will be shown later that patches of Cu2O grow in a 
similar shape. 
During Stage 2, the initial metal oxidation coupled with solution reduction reaction 
(Eq. 8.3), diffusion of cupric ions (Eq. 8.4), cupric ion hydrolysis (Eq. 8.2), and the 
precipitation of colloid particles are all in a steady state, while the growth of the hydrogel 
(including agglomeration of colloid particles and Cu(OH)2 reduction to CuOH) is controlling 
the overall rate of metal loss. Due to the feedback loop established in this stage, the corrosion 
rate cannot simply be determined from linear dynamics. 
Stage 3 begins when CuOH (formed via Cu(OH)2 reduction) precipitates as Cu2O: 
2 Cu+(sol’n) ⇌ 2 CuOH(solid) → Cu2O + H2O in Stage 3  (8.8) 
The rate of precipitation of Cu2O crystals is dependent on the supersaturation concentration of 
CuOH within the hydrogel. [CuII(sol’n)] at the end of Stage 2 was low and the rate of Cu(OH)2 
reduction to CuOH was low, which suggests the precipitation rate of Cu2O crystals was also 
low in these conditions. In pH0 = 7.0 solutions, the entire surface was yellow after 480 h, which 
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indicated that small Cu2O crystals had forms uniformly across the surface. The uniform Cu2O 
coverage was not observed in pH0 = 9.0 solutions due to a lower [Cu
II
(sol’n)] in Stage 2 (0.20 
mM in pH0 = 9.0 (Figure 8.2) compared to 0.38 mM in pH0 = 7.0 (Chapter 6)). However, 
localized areas of Cu2O growth were observed (bottom row in Figure 8.2), shaped similarly 
to the dried hydrogel imaged in Stage 2 further confirming Cu2O precipitation from the 
Cu(OH)2 hydrogel (Eqs. 8.7 and 8.8). 
During Stage 3, [CuII(sol’n)]t continued to fluctuate around 0.20 mM, while the pHt 
decreased to 6.4 ± 0.1 and the solution to approach Cu(OH)2 solubility equilibrium. This was 
the same time-dependent behaviour of solution species (i.e., CuII(sol’n) and OH−) observed when 
pH0 = 7.0.  
Thus, the corrosion mechanism proposed for solutions of pH0 = 7.0 is applicable to 
solutions of pH0 = 9.0. This section has demonstrated that in each corrosion stage, the rate-
determining steps, the corrosion rate, and the corrosion yields were similar regardless of the 
increase in pH0. Although this section only discussed in detail CO2-free solutions, the same 
conclusion was reached in all studied cover gas environments (air, 21% O2 (balance Ar), and 
Ar, shown in Appendix C).  
8.3.1.2  In the Presence of Radiation  
As discussed in previous chapters, the energy of γ-radiation transferred to metal quickly 
dissipates as heat and does not induce any chemical change. However, water and humid air 
exposed to γ-radiation decompose into redox-active (mainly H2O2) and acidic species (mainly 
HNO3). Under a continuous flux of γ-radiation, the radiolysis products reach steady-state 
concentrations and become homogeneously distributed in solution. The steady-state 
concentrations of radiolysis products depend on not only the radiation dose rate but also depend 
on solution pH, concentration of radical scavenger such as O2 and Cl−.
9-12 In the presence of a 
naturally corroding system, the production or consumption of the radiolysis species can also 
contribute to determining their long-term steady-state concentrations.  
The time-dependent behaviours of log([CuII(sol’n)]), pH, and the surface morphology and 
colour during radiolytic corrosion in stagnant droplet solutions free of CO2/carbonate are 
presented with an adjusted pH0 to 9.0 are shown in Figure 8.3. Despite slight variations in 
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dissolved product concentrations, copper corrosion in the presence of radiation progresses 
through similar dynamic stages regardless of pH0 of 7.0 or 9.0. The key observations during 
radiolytic copper corrosion are: 
Stage 1: When t ≤ 40 h, [CuII(sol’n)]t increased with time and the surface showed no 
granular oxide growth. The pHt initially decreased with time, then reached 
a near constant value of about 4.7 at the end of the stage. The rate of 
increase in [CuII(sol’n)]t, the final yield of [Cu
II
(sol’n)], and the steady state 
pHt value in this stage were all similar to that for pH0 = 7.0 solutions. 
Stage 2: For 72 h ≤ t ≤ 96 h, [CuII(sol’n)]t and pHt were nearly constant while 
Cu(OH)2 hydrogel grows. [Cu
II
(sol’n)]t fluctuates around a value of 4.8 mM 
and pHt fluctuates around a value of 4.7. These values were similar to that 
observed in pH0 = 7.0 solutions. 
Stage 3: For 120 h ≤ t < 200 h, [CuII(sol’n)]t increased with time at a slower rate than 
in Stage 1, while the pHt remained near its steady state value but 
fluctuated with time. The surface is covered with purple and pink-
coloured oxides, indicate the presence of Cu2O crystals covered with 
various thickness of Cu(OH)2 hydrogel layer. The average size of Cu2O 
crystals was smaller than in pH0 = 7.0 solutions after the same amount of 
corrosion time.  
Stage 4:  After 480 h, [CuII(sol’n)] decreased to 8.5 ± 4.0 mM without a substantial 
change in pHt from Stage 3. The surface was covered with pink and purple 
granular oxides and a very thick hydrogel layer. The clear, amorphous 
hydrogel layer was observed in optical and SEM images, and Raman 
analysis did not indicate the presence of nitrate, like in Stage 4 in pH0 = 
7.0 solutions. 




Figure 8.3 Time-dependent behaviour of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical and SEM images, bottom rows) during copper corrosion after 
exposure to a 100 µL droplet of pure water (purged of CO2) with pH0 = 9.0 (pink triangles) in 
the presence of γ-radiation. The solution data is compared to that after exposure to pH0 = 7.0 
water (black circles, data from Chapter 6). The inset in the bottom right SEM image has a 
scalebar of 2.0 μm. The black dotted lines show the general trend of the data (not based on 
regression analysis). 
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In the presence of radiation, H2O2 produced via radiolytic water decomposition, is 
quickly produced at a low steady-state concentration. Thus, the initial oxidation of Cu0(m) to 
Cu2+(sol’n) is coupled with H2O2 reduction. As discussed in the previous section, in Stage 1a, 
the pH0 is high enough that the fast cupric ion hydrolysis is pushed all the way to the right and 
the elementary reaction to be considered is:  
Cu0(m) + H2O2 → Cu(OH)3− + H
+  (8.9) 
The production of Cu(OH)3− and H
+ at z = 0 and their subsequent diffusion to z = δdiff cause 
[CuII(sol’n)]t and [H
+]t to increase. The increase in [H
+]t causes a shift in hydrolysis equilibria 
towards the formation of Cu(OH)2(solv) and Cu(OH)
+ in Stage 1b (Eq. 8.5). The pHt in the bulk 
solution decreases faster in the presence of radiation than in its absence, which causes Stage 
1b to start earlier. This is shown after 16 h when the pHt was higher in the presence of radiation 
(6.0, shown in Figure 6.7) compared to the absence (4.5 in Stage 1a, shown in Figure 6.4). 
This indicates that Stage 1b started before 16 h. 
During Stage 1b, pHt decreased indicating the rate of production of [H
+]t via radiolytic 
decomposition is faster than the rate of consumption of [H+]t via cupric ion hydrolysis (Eq. 
8.5). The pHt value at the end of Stage 1b was unaffected by the higher pH0 and was 4.7 ± 0.1 
(Figure 8.2). The [CuII(sol’n)] yield at the end of Stage 1b in pH0 = 9.0 solutions was 4.8 mM 
(pink in Figure 8.2), which was approximately the same as in pH0 = 7.0 solutions (6.0 mM, 
black in Figure 8.2). Accordingly, the corrosion rate in Stage 1 in pH0 = 9.0 solutions was 
nearly the same as in pH0 = 7.0 solutions, at 11.5 ± 5.0 nmol Cu/cm
2/h and the duration of this 
stage was the same in both solutions (rates, durations, and yields in each stage for both 
solutions are provided in Table 8.1). 
In the presence of radiation, the rate of agglomeration of colloid particles is increased 
due to reactive radiolysis products that can lower the zeta potential of the colloid particles 
(increasing their intermolecular attraction),13-15 and increase in rate of reduction to CuOH, 
discussed later.16,17 Stage 2 was observed for 48 h ≤ t ≤ 96 h, during which the characteristic 
plateaus in [CuII(sol’n)]t and pHt with time were observed and the Cu(OH)2 hydrogel was 
observed on the surface. SEM images of patches of dried hydrogel that had grown after 48 h 
of corrosion are shown in Figure 8.4. The top images show small solid colloid particles 
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aggregating between two grinding lines where the solution volume is limited, and the bottom 
images are of the smooth, dense hydrogel. 
 
Figure 8.4 SEM images of the Cu(OH)2 hydrogel after 48 h of corrosion in 100 μL of CO2-
free water droplet in the presence of radiation. 
The plateau values of pHt and [Cu
II
(sol’n)]t during Stage 2 were 4.7 and 4.8 ± 2.0 mM, 
respectively (top and middle row in Figure 8.3). That the pHt plateau was the same in this 
solution as in pH0 = 7.0 solutions confirm that the higher [OH−]0 had no effect on the steady-
state pH value, which suggests that the long-term [CuII(sol’n)] value is unaffected by pH0. 
Similarly, the steady-state [CuII(sol’n)] value was approximately the same in pH0 = 9.0 solutions 
compared to in pH0 = 7.0 solutions (6.0 ± 2.8 mM, black in Figure 8.3).  
As Cu2+(sol’n) and colloid particles accumulate, H2O2 can oxidize coupled with cupric 
ion reduction (Eq. 8.10a). The rate of oxidation of H2O2 by Cu
2+
(sol’n) can only compete with 
its rate of reduction by Cu0(m) when the concentration of Cu
2+
(sol’n) is high, and so, this reaction 
pathway only becomes available at later stages of corrosion in the interfacial region. The 
solubility of cuprous ions is very low and will establish its solubility equilibrium very quickly 
(Eq. 8.10b). CuOH will be incorporated in the solid hydrogel network, forming a mixed 
CuI/CuII hydroxide hydrogel (Eq. 8.10c).  
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2 Cu2+ + H2O2 + 2 OH− → 2 Cu
+ + O2 + 2 H2O (8.10a) 




 →  
mixed CuI/CuII hydroxide hydrogel (8.10c) 
H2O2 accelerates the reduction of cupric to cuprous ions, which enhances the cyclic feedback 
loop between Cu(OH)2 production and consumption. Therefore, CuOH formation is fast, and 
Stage 2 is short in the presence of radiation. However, the duration of Stage 2 was unaffected 
by the increase in pH0 to 9.0, due to the same [Cu
II
(sol’n)] yield during Stages 1 and 2 
(summarized in Table 8.1).  
Stage 3 begins when CuOH has reached its supersaturation capacity within the hydrogel 
and Cu2O starts to precipitate.  
2 Cu+(sol’n) + x OH− ⇌ 2 CuOH(solid) → Cu2O + H2O  (8.11) 
The start of the stage was determined by when the appearance of complete coverage of the 
copper metal surface by pink and purple oxides was observed in the optical images combined 
with a [CuII(sol’n)] increase with time (slower than in Stage 1). Thus, Stage 3 was observed for 
120 h ≤ h < 200 h (Figure 8.3), which was the same duration as in pH0 = 7.0 solutions. As 
discussed in Chapter 6, [CuII(sol’n)] is important in determining the rate of Cu2O precipitation 
and the size of Cu2O crystals. [Cu
II
(sol’n)] in Stages 1 and 2 were slightly lower in pH0 9.0 
compared to 7.0 solutions and accordingly, the size of the Cu2O crystals were slightly smaller 
(SEM images in Figure 8.3 and from Chapter 6 in Figure 6.8). Nevertheless, the stage lengths 
and rates were relatively unaffected (Table 8.1). 
The fluctuations around the pHt average value of 4.7 were large (± 0.5), which caused 
large fluctuations in the cupric ion solubility with time. The large solubility fluctuations 
ultimately resulted in a time-averaged increase in [CuII(sol’n)], although large variations in the 
measured value were observed. The dissolution rate of cupric ions in this stage was 0.12 ± 0.01 
mM/h or a metal loss rate of 7.8 ± 0.8 nmol Cu/cm2/h (Figure 8.3). 
[CuII(sol’n)] decreased substantially from its value of 29 ± 10 mM at 192 h to 8.5 ± 4.0 
mM at 480 h. This decrease indicates that cupric ions were being consumed at the metal 
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surface, and not produced via metal oxidation, which is consistent with Stage 4. In Stage 4, the 
oxide layer had grown thick enough to arrest the oxidation of the underlying metal, while the 
oxides on the surface ripen to approach equilibrium. In pH0 = 7.0 solutions, nitrate was 
observed in the hydrogel layer in this stage due to the co-precipitation with cupric ions during 
Ostwald ripening of Cu2O crystals. The hydrogel grown in the pH0 = 9.0 after 480 h was 
observed ubiquitously on the surface (optical images in Figures 8.3 and 8.4) but did not have 
the blue colour indicative of the incorporation of nitrate. 
Images of the hydrogel on the surface after 480 h in pH0 = 9.0 solutions are shown in 
Figure 8.6. The optical images (top row) in Figure 8.6 show a layer of a clear amorphous 
species in which bubbles have formed. The hydrogel layer is clear, suggesting a high degree 
of hydration (low Cu(OH)2 colloid density). The SEM images (bottom row, Figure 8.6) show 
the cracks (due to ex situ drying) in the hydrogel layer, similar to the top layer of the hydrogel 
analyzed in aerated droplets in Chapter 7. The EDX Cu:O atomic ratio confirms that the 
cracked layer (area 1 in the bottom row in Figure 8.5) is Cu(OH)2 (Cu:O atomic ratio of 0.7), 
and that the crystal layer underneath (area 2 in the bottom row in Figure 8.5) is Cu2O (Cu:O 
atomic ratio of 1.9).  
 
Figure 8.5 Optical (top row) and SEM (bottom row) images of the Cu(OH)2 hydrogel grown 
after 480 h of corrosion in the presence of γ-radiation. Areas 1 and 2 were analyzed with EDX, 
and the Cu:O ratio was reported. 
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A summary of the rates and yields in each corrosion stage in CO2-free droplet solutions 
with pH0 = 7.0 (Chapter 6) and 9.0 is presented in Table 8.1. A comparison of the values in 
each corrosion stage shows that the pH0 had little effect on the overall progression of radiolytic 
copper corrosion. This is because in both solutions the cupric ion hydrolysis was pushed 
towards the formation of Cu(OH)3− in Stage 1a, resulting in similar corrosion product yields 
that carried through to the later corrosion stages. Increasing the pH0 to 9.0 had little effect on 
the overall corrosion progression in any of the studied cover gas compositions (shown in 
Appendix C). The expected pH range of the groundwater that the copper layer of the UFC 
may be in contact with is 6 − 9.2 Thus, this study has shown that the corrosion progression of 
the copper layer of the UFC will be the same at all expected groundwater pH0 values.  
Table 8.1 Summary of values obtained after radiolytic copper corrosion in CO2-free solutions 
with pH0 = 7.0 (Chapter 6) and 9.0. 
 pH0 = 7.0 pH0 = 9.0 
Stage 1 
Duration (h) 40 40 
Dissolution rate of [CuII(sol’n)] 
(nmol Cu/cm2/h) 
11.6 ± 1.2 11.5 ± 5.0 
Stage 2 
Duration (h) 72 72 
[CuII(sol’n)] plateau (mM) 6.0 ± 2.8 4.8 ± 2.0 
Steady-state pH 4.6 ± 0.4 4.7 ± 0.5 
Stage 3 
Duration (h) > 80 > 80 
Dissolution rate of [CuII(sol’n)] 
(nmol Cu/cm2/h) 
7.4 ± 1.3 7.8 ± 0.8 
Stage 4 
Observed after (h) 480 480 
CuII(sol’n) yield (mM) 8.9 ± 1.5 8.5 ± 4.0 
8.3.2 Effects of Solution Depth in the Presence of Radiation 
The length of Stage 1 is dependent on how quickly Cu2+ can accumulate in solution, 
reach the solubility limit of Cu(OH)2(solid), and begin precipitating. In solutions with a small 
  Chapter 8 
247 
 
depth (dsol), such as the small water droplets (semi-oval shape with the maximum height of 
0.20 cm) used in the previous section, Cu2+(sol’n) can accumulate quickly and Stage 1 is short. 
In solutions with a large dsol, Stage 1 is prolonged as it takes more time for the solution to reach 
the cupric ion saturation capacity. Previous studies on the effect of solution depth on copper 
corrosion in the absence of radiation, have found that increasing the solution volume does not 
change the rate but increases the duration of Stage 1.18 The longer duration and same rate in 
larger solutions allows for more copper to dissolve into solution before moving into later 
stages. Thus, if the cupric ions are still able to accumulate (i.e., the solution is stagnant) in 
larger solutions, the rates of the later stages are accelerated. Certainly, the large solution depths 
can result in more overall metal loss. In this section, the effects of solution depth (dsol) on the 
corrosion dynamics in the presence of radiation using dsol values between 0.25 and 2.50 cm.  
In small solution depths (defined in this study as dsol ≤ 0.25 cm, regardless of solution 
volume), the diffusion layer (0 < z < δdiff) is a non-negligible proportion of the overall dsol, 
schematically shown in Figure 8.6. The diffusion layer thickness is dependent on the diffusing 
ion and for a given ion it is the same regardless of solution volume. In stagnant solutions, the 
Nernst diffusion layer is approximately 0.2 – 0.5 mm.19 In small dsol, the thickness of the 
diffusion layer, where large concentration gradients exist, is not negligible compared to the 
thickness of the entire solution. Conversely, in large depths (defined in this study as dsol ≥ 0.80 
cm), the concentrations within the diffusion layer do not contribute significantly to the 
measured species values. In fact, the interfacial solution can be considered a point source of 
Cu2+(sol’n) and other dissolved species formed via interfacial charge transfer (e.g., H
+/OH−). 




Figure 8.6 Schematic representation of the diffusion length (δdiff) in small (left) and large 
(right) volumes, where dsol is the solution depth.  
8.3.2.1  Small Solution Depth 
For dsol = 0.25 cm solutions, the coupon was immersed in the solution so that the depth 
above the surface was similar to the maximum depth of the droplet solutions. However, the 
solution volume was larger in these immersion tests than in the droplet solutions (schematically 
represented in Figure 8.6). The time-dependent behaviours of [CuII(sol’n)], pH, and surface 
colour and morphology for dsol = 0.25 cm solutions are shown in Figure 8.7. The solutions in 
this section are aerated (i.e., contain CO2) and thus, are compared to the aerated droplet 
solutions from Chapter 7. The following are the key observations, which will be followed by 
a detailed discussion.  
Stage 1: When t ≤ 40 h, [CuII(sol’n)]t increased while minimal oxide growth was 
observed on the surface. The pHt first decreased from its initial value, but 
then increased for the rest of Stage 1. The pHt reached at the end of this 
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stage was much higher in than other radiated solutions, but the rate and 
duration of this stage is the same as in aerated, droplet solutions. 
Stage 2: For 48 h ≤ t ≤ 96 h, both the [CuII(sol’n)]t and pHt were mostly constant with 
time. [CuII(sol’n)]t fluctuated around a value of 0.13 mM and pHt fluctuated 
around 6.0. The surface remained clear of oxide deposits. 
Stage 3: For t ≥ 144 h, [Cu
II
(sol’n)] increased and pH decreased with time. Granular 
oxides covered the surface, with large spatial variations in colour. The 
Cu2O particles are much smaller (in the hundreds of nm range) than those 
seen in droplet solutions (in the μm range) after the same amount of time. 




Figure 8.7 Time-dependent behaviour of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical images, bottom row) during copper corrosion after exposure to pure 
water with dsol = 0.25 cm (2.0 mL), in the presence of γ-radiation. The black dotted lines show 
the general trend of the data (not based on regression analysis). 
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In irradiated solutions, metal oxidation is coupled with H2O2 reduction, which is 
produced via water radiolysis at a low steady-state concentration. In aerated solutions in the 
presence of radiation (Chapter 7), corrosion in Stage 1 involves the full redox process at the 
metal surface and cupric ion hydrolysis in the interfacial solution to produce Cu(OH)+ and 
OH−. 
Cu0(m) + H2O2 → Cu(OH)
+ + OH−    (8.12) 
In the droplet solutions, the pH was constant during Stage 1, indicating the rate of production 
of OH− at the interfacial solution via Eq. 8.12 was the same as the rate of production of [H+] 
in the bulk solution via water and humid air radiolysis (e.g., HNO3). 
In the immersion solutions, where dsol is approximately the same as in the droplet 
solutions, but the bulk solution is much larger (see schematic in Figure 8.6), pHt was observed 
to decrease from 7.0 to 5.7 after 2 h, then increase until t = 24 h (Figure 8.7). Because the bulk 
volume is larger, [H+] produced in the bulk solution via radiolysis is higher than [OH−] 
produced in the interfacial region via Eq. 8.12. Thus, the pH initially decreases (Figure 8.7). 
The production of Cu(OH)+ and OH− at the metal surface will form a diffusion layer 
perpendicular and radially away the surface. This is the only corrosion condition studied in this 
thesis where radial diffusion away from the metal surface is possible. As Cu(OH)+ diffuses 
into the bulk solution (i.e., the solution not above the metal surface), the lower pHt (due to 
acidic radiolysis products) pushes the cupric ion hydrolysis equilibrium towards the formation 
of unhydrolyzed Cu2+, releasing a OH−. This shift in hydrolysis equilibrium in the bulk solution 
causes pHt to increase (Figure 8.7), indicating the rate of production of [OH
–] in this way is 
higher than the rate of production of [H+] via radiolysis. As the pHt and cupric ion 
concentration in the bulk increases, the cupric ion hydrolysis equilibrium is again pushed 
towards the formation of Cu(OH)+ and eventually Cu(OH)2, causing the pHt to plateau (Figure 
8.7).  
Regardless of the bulk changes in pH and main form of cupric ions, the main corrosion 
reaction at the interface in Stage 1 does not change (Eq. 8.12) and the corrosion rate is 
controlled by cupric ions away from the metal surface. Thus, Stage 1 is observed for the first 
24 h, when the increase in [CuII(sol’n)] was constant and the surface remained clean from oxides 
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(Figure 8.7). The rate of increase in [CuII(sol’n)] was much lower than in droplet solutions, at 
4.8 ± 1.1 μM/h, but the rate of metal loss in Stage 1 was the same at 12.2 ± 3.5 nmol Cu/cm2/h 
(all rates are summarized in Table 8.2). That is, the rate of Stage 1 is unaffected by the large 
volume. Furthermore, because the length of Stage 1 is dependent on how quickly the interfacial 
solution can accumulate cupric ions, which then precipitate as a hydrogel network covering 
the surface, the duration of Stage 1 was also unaffected by the increase in solution volume. 
(However, the duration of Stage 1 is affected by increase in solution depth, shown in the next 
section).  
As the concentrations of Cu(OH)+ and OH− at the interface increase, the cupric ion 
hydrolysis shifts towards the formation of Cu(OH)2(solv), which precipitate as colloidal 
particles. Shortly after colloid particles form, they aggregate into a hydrogel network, marking 
the start of Stage 2. During this stage, the rate of metal oxidation to produce Cu2+(sol’n) is 
approximately the same as the rate of Cu(OH)2 precipitation, and [Cu
II
(sol’n)] fluctuates around 
an average value (Figure 8.7). The steady-state concentration was 0.13 ± 0.04 mM, a much 
lower concentration than in droplet solutions, but an equal number of moles in both solution 
volumes with the same dsol (0.25 μmol). Because the production of cupric ions at the interface 
ceased, so did the production of OH−, and pHt also finds a steady state with a value of 6.0 
(Figure 8.7). 
As Cu(OH)2 hydrogel grows at the interface, the rate of reduction of Cu
2+
(sol’n) coupled 
with the oxidation of H2O2 increases and a mixed Cu
I/CuII hydroxide hydrogel is formed (Eq. 
8.10). Stage 3 begins when cuprous ions in the mixed hydrogel reach a supersaturation 
concentration and precipitates as Cu2O crystals. The surface was covered with granular oxides 
when t ≥ 144 h. There are large spatial variations in the oxide colour across the surface (optical 
images in Figure 8.7) despite a consistent solution height over the copper surface, suggesting 
that the colour variations are due to the spreading hydrogel, as opposed to solution height 
variations (in droplet solutions). 
The Cu2O crystals on the surface during Stage 3 in dsol = 0.25 cm are compared to that 
in the aerated droplet solutions (Chapter 7) in Figure 8.8. Despite a similar dsol, the crystal 
average crystal sizes are much smaller when the solution volume is large (immersion). The 
Cu2O crystals grow because the redox reaction between Cu
0
(m) oxidation to Cu
2+
(sol’n) coupled 
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with reduction of oxidant to OH− (i.e., Eq. 8.12) can couple with the reduction of 
Cu2+/Cu(OH)2 to Cu2O coupled with the reduction of oxidant to OH− (i.e., Eq. 8.10a and 8.11). 
Thus, [CuII(sol’n)] is important in determining the size of the Cu2O crystals. With a larger 
solution volume, the lower [CuII(sol’n)] results in smaller Cu2O crystals.  
 
Figure 8.8 Optical (left column) and SEM (right two columns) images of the oxide growth 
after 168 h of corrosion (Stage 3) in dsol = 0.25 cm (2.0 mL) and in aerated droplet solutions 
from Chapter 7 for comparison (maximum dsol = 0.20 cm).  
Even after 480 h corrosion duration, Stage 4 was not observed in the immersion test, 
due to a lower [CuII(sol’n)] and thus less oxide growth during Stage 3. Thus, despite the same 
durations and molar yields in Stages 1 and 2 more overall metal loss can occur in Stage 3 in 
these larger volumes.  
8.3.2.2  Large Solution Depth 
To increase the solution depth while limiting radial diffusion, copper coupons were 
embedded in shrink tubing, shown in Figures 8.1 and 8.6. The solutions used were naturally 
aerated (containing CO2). The time-dependent behaviours of [Cu
II
(sol’n)] and pH in large 
solution depths (dsol ≥ 0.80 cm) are shown in Figure 8.9. The surface colour and morphology 
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evolution with time is presented in Figure 8.10 and 8.11. Although the time-dependent 
behaviours were similar in each dsol (≥ 0.80 cm), the length and product yield in each stage 
varied with solution depth. The key time-dependent behaviours common to all large dsol are: 
Stage 1: [CuII(sol’n)] increases linearly with time, while no significant granular 
oxide growth was observed on the surface. The length of this stage 
increased with solution depth, but the metal oxidation rate (in nmol 
Cu/cm2/h) was nearly independent of solution depth. The pH decreased 
during this stage. 
Stage 2: [CuII(sol’n)]t and pHt fluctuate around a steady-state value that was nearly 
independent of solution depth. The duration of Stage 2 increased with 
increasing solution depth. The dried hydrogel network was observed in 
SEM images. 
Stage 3: At t = 480 h, [CuII(sol’n)] increased to a maximum value proportional to 
dsol, while pH remains at its steady state value. The surface darkened 
with the growth of some small granular oxides.     




Figure 8.9 The time-dependent behaviours of [CuII(sol’n)] (top row) and pH (bottom row) in 
large solution depths (dsol ≥ 0.80 cm) during radiolytic copper corrosion. The black dotted lines 
show the general trend of the data (not based on regression analysis). 
 
Figure 8.10 Optical images of the copper surface during the three observed corrosion stages 
after exposure to large solution depths (dsol ≥ 0.80 cm) in the presence of radiation. 




Figure 8.11 Optical and SEM images of the copper surface during the three observed corrosion 
stages after exposure to large solution depths (dsol ≥ 0.80 cm) in the presence of radiation. 
[CuII(sol’n)] during radiolytic copper corrosion in all solution depths show the time-
dependent behaviour characteristic of the first three stages of corrosion, shown in Figure 8.9. 
[CuII(sol’n)] increases linearly with time in Stage 1, remains constant with time in Stage 2, then 
increases as pHt fluctuates around a low steady-state value in Stage 3. The solution depth (dsol) 
affected the duration of the individual stages, the rate of [CuII(sol’n)] increase in Stage 1, and the 
overall yield after 480 h (the longest duration of the experiment). 
When dsol ≥ 0.80 cm, the bulk volume is large and the OH− production via the initial 
corrosion reactions (Eq. 8.12) has almost no effect on the overall pH. Thus, pHt in all solutions 
begins decreasing almost immediately (less than 2 h, shown in Figure 8.9), and continues to 
decrease until a low steady-state value of 3.7 ± 0.3 is reached. This indicates that with dsol 
above a critical value (between 0.25 cm and 0.80 cm), the OH− produced at z = 0 has nearly 
the same effect on the pH in irradiated solutions.  
The rate of [CuII(sol’n)] increase during Stage 1 was inversely proportional to dsol (Figure 
8.9 and exact values given in Table 8.2). However, the rate of metal loss (in units of nmol 
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Cu/cm2/h) is nearly independent of dsol. There is a slight decrease in rate with increasing dsol 
because in larger volumes the Cu2+(sol’n) concentration gradient is smaller. Nevertheless, the 
metal oxidation rate in Stage 1 is controlled by the diffusion rate of Cu2+(sol’n) (mostly in the 
form of Cu(OH)+) from z = 0 to the bulk solution. Regardless of dsol, the surface during Stage 
1 did not show a significant amount of oxide growth (Figures 8.10 and 8.11), consistent with 
the main corrosion product being a dissolved species. 
Figure 8.9 shows that the duration of Stage 1 is directly proportional to dsol (exact 
values given in Table 8.2). The duration of Stage 1 is dependent on how quickly Cu2+(sol’n) can 
accumulate in the interfacial solution, which is consistent with the observed duration 
dependence on dsol. That is, it takes longer for Cu
2+
(sol’n) in the interfacial solution region in 
larger solution depths. Furthermore, with the same rate of metal loss, but increase in duration, 
there is much more overall corrosion damage during Stage 1 in larger solution volumes. The 
implication of this is that in large volumes or in flowing solutions, metal dissolution is expected 
to continue at the same rate for a very long time and the overall corrosion damage would be 
proportional to the service life of the copper component. 
The steady-state [CuII(sol’n)] value was nearly independent of dsol (when d ≥ 0.80 cm, 
Figure 8.9), indicating the same [Cu2+(sol’n)] had accumulated before it began precipitating as 
a hydrogel network. The hydrogel network was observed in the optical and SEM images in 
Figure 8.11. After 168 h, clear hydrogel was observed in dsol = 0.80 cm at the edge of the 
coupon while blue (high colloid density) was observed in dsol = 2.50 cm. In dsol = 1.27 cm, the 
dried hydrogel solid network was observed in SEM. Copper hydroxide hydrogel that has been 
synthesized in previous studies has a similar solid network structure.20 After a longer corrosion 
duration (t = 336 h), the hydrogel had covered the entire surface and increased in colloidal 
density. This can be seen in the SEM image in Figure 8.11 in dsol = 2.50 cm, where the hydrogel 
covers the surface as a thick layer.  
As the saturated volume expands during Stage 2, the concentration of CuOH within the 
hydrogel increases and begins to precipitate as Cu2O. At long corrosion times (t = 480 h), 
[CuII(sol’n)] increases and the granular oxide growth is visible on the surface, consistent with 
Stage 3. Figure 8.9 shows that the [CuII(sol’n)] yield after 480 h as well as the rate of increase 
in [CuII(sol’n)] during Stage 3 was proportional to the dsol in this stage. This is a result of the 
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higher colloidal density in the hydrogel in larger dsol during Stage 2. The implication of this is 
that if corrosion progresses past Stage 2, more material loss will occur when the solution depth 
is large, or the solution is flowing.  
For all dsol values, the surface had darkened by 480 h due to granular oxide growth 
along the polishing lines (Figure 8.11). The extent of oxide growth was also proportional to 
the dsol (Figure 8.10 and 8.11). In largest dsol, the oxides on the surface had aggregated into 
localized areas during the redox-assisted Ostwald ripening, shown in Figure 8.10 and 8.11, 
where the dark lines and islands are Cu2O crystals, and the shiny reddish-orange areas are the 
bare Cu0(m). 
The depth of solution does not affect the corrosion progression but affects the duration 
of each stage. The results in this chapter confirmed that the solution depth, not solution volume, 
determines length of Stage 1. Ultimately, in larger solution depths, more corrosion damage can 
be expected. The rates, durations, and yields in each corrosion stage in all solution depths are 
summarized in Table 8.2. 
Table 8.2 Summary of CuII(sol’n) dissolution rates in the observed corrosion stages in aerated 
solutions with different solution depths (dsol) compared to droplet solutions (Chapter 7). 




0.25 cm 0.80 cm 1.27 cm 2.50 cm 
Stage 1 




12.6 12.2 11.6 9.2 8.4 
Stage 2 
Duration (h) 72 72 170 270 340 
[CuII(sol’n)] 
plateau (mM) 




0.21 0.25 0.16  0.35 0.50 
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Steady-state pH 4.3 6.0 3.4  3.9 3.7 
Stage 3 




36 33 1.2 20 103 
[CuII(sol’n)] yield 65.2 2.7 0.80 2.5 6.3 
Final copper 
yield (μmol) 
3.3 5.5 0.40 2.5 12 
8.4  CONCLUSIONS 
This chapter investigated how the corrosion dynamics were affected by an increase in 
pH0 and solution depth. In all conditions, the same elementary reactions control the overall 
corrosion progression. The time-dependent behaviours of [CuII(sol’n)], pH, and surface 
morphology and colour were unaffected by the increase in pH0 from 7.0 to 9.0. Furthermore, 
the rates of and yields in each stage were nearly independent of this pH0 increase. This is true 
for all cover gas compositions studied in this thesis, although only CO2-free solutions were 
discussed in detail in this chapter. These results indicate that the solution pH evolution is not 
dependent on pH0 when between 6.0 (aerated), 7.0 (CO2-free, 21% O2, deaerated) and 9.0 (all 
cover gases), confirming the proposed corrosion mechanism. In effect, these results show that 
it is unnecessary to know the exact initial pH (between 6 and 9) of the groundwater solution 
when it interacts with the copper layer of the UFC.  
This chapter also showed that the elementary stages that determine the corrosion 
dynamics are unaffected by dsol. However, the durations and yields in each stage varies with 
dsol, but not solution volume. Ultimately, the results in this chapter show that a larger dsol will 
result in more metal loss. These results are consistent to previous studies done by our group of 
the effect of dsol without radiation
18 and further confirm the corrosion mechanism.   
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CHAPTER 9. THESIS SUMMARY AND FUTURE WORK 
9.1  SUMMARY 
Predicting the long-term corrosion behaviour of the copper layer of the UFC is 
challenging. The copper layer will be exposed to uncommon solution conditions that change 
throughout its lifetime, including a continuous flux of γ-radiation. The small solution volumes 
expected in the DGR could lead to the accumulation of cupric ions next to the metal surface, 
and their (electro)chemical reactions can increasingly affect the initial charge transfer rate. 
Cyclic feedback loops between multiple elementary reactions can be established that affect the 
overall metal loss rate. Furthermore, solution conditions can affect the rate of individual 
elementary reactions and thus the overall rate of corrosion. The combined effects of solution 
parameters and γ-radiation on the copper corrosion dynamics were investigated in this thesis. 
The solution parameters investigated were the initial pH, cover gas composition, and the 
solution depth, all in the absence and presence of radiation. The corrosion dynamics were 
determined by following the corrosion products (i.e., [CuII(sol’n)], [OH−], and oxide deposits) 
evolution as a function of corrosion duration. Based on the results, a corrosion mechanism was 
proposed that was can be used to explain the corrosion behaviour in all studied conditions. 
In Chapter 4, the time-dependent evolution of [CuII(sol’n)] and pH during the early 
corrosion stages (Stages 1 and 2) were investigated in all the redox and solution environments 
studied in this thesis. The elementary steps involved in the overall metal oxidation process are 
the same for all solution conditions but change as corrosion progresses. It was shown that the 
relationship of [CuII(sol’n)] versus [H
+] evolves with time and follows that of the metal cation 
solubility versus [H+]. However, the time-dependent evolution of these species influences their 
final yield along the solubility curve. This indicates that the values of [CuII(sol’n)] and pH can 
be determined by the solubility equilibrium of Cu(OH)2 if the initial conditions and the 
evolution with time are known. The data presented in this chapter provides insight into the 
relationship between cupric ion dissolution and pH during copper corrosion and the 
fundamental understanding gained from these results could simplify the approach to long-term 
corrosion modelling. 
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In Chapter 5, the individual effects of key radiolysis products during the initial period 
of corrosion were determined using chemically-added oxidants in the absence of radiation. The 
results showed that the time-dependent behaviour of [CuII(sol’n)] and pH and their overall yields 
were nearly independent of the oxidant concentration and type. However, decreasing the initial 
pH from 7.0 to 4.0 increased the concentration of copper in solution (accordingly with the 
Cu(OH)2 solubility), thereby increasing the copper yield and duration of Stage 1. It was also 
shown that an increase in H2O2 concentration increased the rate of cupric ion reduction to 
cuprous ion, increasing the amount of Cu2O precipitation. The results from this chapter will 
permit the decoupling of the effects of radiolysis products on the corrosion evolution. 
Furthermore, the results presented in this chapter demonstrate that the dissolution behaviour 
and final yield of cupric ions are unaffected by the initial concentration and identify of the 
oxidant. These findings can simplify copper corrosion modelling in the presence of radiation. 
Chapter 6 proposed a copper corrosion mechanism in the presence and absence of γ-
radiation in CO2-free water droplets. The results of this chapter showed that the elementary 
reactions involved in the overall corrosion process evolve with time in a stepwise manner. The 
metal oxidation dynamics evolve through distinct periods (stages), each with its own 
characteristic oxidation rate. Four stages were identified. In Stage 1, the overall corrosion 
process involves copper oxidation to the dissolved cupric ion, which quickly establishes a 
hydrolysis equilibrium and diffuses from the metal surface. The main corrosion products in 
this stage are dissolved cupric species, and thus the corrosion rate can be determined from the 
dissolution rate. The main effect of radiation in this stage is the production of acidic species, 
which cause the pH to decrease, rather than increase with time, and increase the solubility of 
cupric ions. Thus, the copper yield in Stage 1 is much higher in the presence of radiation and 
this stage was much shorter because the agglomeration and reduction of Cu(OH)2 colloids is 
accelerated.  
Stage 2 begins when cupric ions have accumulated, and Cu(OH)2 begins to grow as a 
hydrogel network. Cupric ions trapped next to the metal surface are reduced to form a mixed 
CuI/CuII hydroxide hydrogel. During this stage, the net corrosion process is production of this 
mixed hydrogel and [CuII(sol’n)]t is constant. The production of H2O2 in the presence of radiation 
accelerates the reduction of cupric ions, and thus Stage 2 is short in the presence of radiation. 
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Once CuOH is supersaturated, it precipitates as Cu2O, marking the start of Stage 3. In 
unirradiated solutions, the CuOH concentration is low and H2O2 is absent, and thus the rate of 
Cu2O precipitation is low and corrosion does not progress past Stage 3. In the presence of 
radiation, Cu2O growth during Stage 3 is fast and individual particles can grow large. Cu2O 
crystals undergo redox-assisted Ostwald ripening throughout this stage, and hindered diffusion 
through the hydrogel layer creates Liesegang bands on the surface. Once electron transfer 
through the oxide layer ceases, Stage 4 begins. During this stage, the metal oxidation rate is 
zero, but the oxide particles continue to age. In the CO2-free solutions investigated in this 
chapter, nitrate was incorporated into the mixed CuI/CuII hydrogel and it is postulated that 
nitrate-containing copper crystals will precipitate with increasing time.  
In Chapter 7, the combined effects of cover gas composition and the presence of γ-
radiation were investigated. For all cover gas compositions, the corrosion progression involves 
the same elementary reactions, showing the same characteristic oxidation stages, with slight 
variations in rate and/or duration. The presence of CO2 in solution introduced an important 
acid-base equilibrium and complexing anion, which allowed a significant amount of the 
hydrogel to grow in the presence of radiation. A higher concentration of hydrogel led to a faster 
progression through Stages 3 and 4. In HNO3-free solutions, the opposite was observed: less 
hydrogel was formed and progression through Stage 3 to Stage 4 was slower. In deaerated (Ar-
purged) solutions, the total yield of dissolved copper was the same as in oxygenated solutions 
in both irradiated and unirradiated conditions, further indicating that the oxidant concentration 
does not affect the cupric ion yield. However, Cu(OH)2 reduction to form Cu2O (Stage 3) was 
more efficient and began earlier in deaerated solutions. Stage 4 was not observed and therefore, 
metal loss continued for longer in deaerated compared to oxygenated solutions. That is, more 
copper was oxidized in deaerated than in oxygenated solutions. In summary, the elementary 
reactions that control the metal oxidation rate throughout the corrosion progress are consistent 
across all the solution and cover gas compositions studied, although the composition of the 
solution can cause the rates of particular elementary reactions to vary slightly.  
In Chapter 8, the mass transport conditions of cupric ions were investigated by 
increasing the initial pH and solution depth. An increase in initial pH in a given cover gas 
environment had no significant effect on the corrosion dynamics or the time-dependent 
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behaviour of [CuII(sol’n)] or pH. However, increasing the solution depth prolonged Stage 1 but 
did not change its rate, which led to more metal loss in later corrosion stages. While the length 
of and overall corrosion yields in each stage were dependent on solution depth, the observed 
time-dependent behaviours were unaffected by the change in solution depth.  
9.2  CONCLUSIONS 
The work presented in this thesis has shown that in small, stagnant water volumes, 
corrosion progresses through multiple time-dependent stages. The elementary steps involved 
in the overall metal oxidation process are the same for all solution conditions but change as 
corrosion progresses. The solution conditions affect the rates of the elementary steps involved 
in each stage and thereby the overall metal oxidation rate in each stage. The changes in the 
rates, not the nature of the elementary reactions, influence how fast the overall corrosion 
dynamics evolve during the different dynamic stages. If cupric ions are able to accumulate, the 
charge transfer and transport processes can strongly couple and establish strong feedback 
loops. Thus, the corrosion rate in later stages cannot be determined based on linear chemical 
dynamics. Furthermore, this work has elucidated the combined effects of solution environment 
(i.e., cover gas composition, initial pH, solution volume) and the presence of a continuous flux 
of γ-radiation on the time-dependent behaviours and the overall yields of corrosion products.  
The results from this work will be used in the development of a radiolytic copper 
corrosion model that can accurately predict the required corrosion allowance of the copper 
layer of the UFC. The key conclusions from this thesis that contribute to the development of a 
robust radiolytic copper corrosion model are (i) that copper corrosion evolves through many 
steady states (corrosion stages) if copper ions can accumulate in solution, (ii) the copper 
dissolution rates in Stage 1 as a function of solution conditions, (ii) the validation of hydrogel 
formation during Stage 2, (iii) the establishment of cyclic feedback during Stages 2 and 3 and 
the acceleration of the feedback in the presence of radiation, and (iv) the relationship between 
dissolved copper concentration and pH at all corrosion stages beyond Stage 1. 
9.3  FUTURE WORK 
The longer-term goal that this project is contributing to is to develop a high-fidelity 
corrosion dynamic model that can predict the long-term corrosion behaviour of copper in the 
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DGR environment. The model will couple the rate and flux equations of the elementary 
processes involved in the overall corrosion process. The elementary processes include 
electrochemical reactions (metal oxidation coupled with solution reduction), solution reactions 
(hydrolysis, radiolysis), transport processes, and oxide particle nucleation and growth. The 
model must accurately and quantitatively deal with the feedback loops that can established 
throughout the corrosion process.  
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APPENDIX A. RADIATION-INDUCED pH EVOLUTION 
The pH evolution in 100 μL water droplets in the presence of radiation is presented in 
Figure A1. This shows the pH decrease exclusively due to water radiolysis products without 
a corroding system. The irradiated droplets were in contact with CO2-free air (Chapter 6) and 
Ar purged (Chapter 7) with an initial pH 7.0 (Chapter 6/Chapter 7) and 9.0 (Chapter 8). 
The final steady state pH in all solutions is 2.7 ± 0.1. 
 
Figure A.1 The pH evolution in water droplets exposed to γ-radiation (without copper). 
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APPENDIX B. SOLUTION CHEMISTRY DURING Cu2O GROWTH BY H2O2 
REDUCTION 
The effect of [H2O2]0 on Cu2O precipitation was investigated in Section 5.3.2 by 
exposing a copper surface to a Cu2+-saturated solution (Cu(OH)2, Sigma Aldrich, St. Louis, 
MO) mixed with different [H2O2]0 (0 M, 0.1 mM, 10 mM). Figure B.1 shows the pH and the 
[CuII(sol’n)] remained constant throughout this experiment. More details are given in Chapter 
5. 
 
Figure B.1 Time-dependent behaviours of [CuII(sol’n)] (top row) and pH (bottom row) in the 
presence of various [H2O2]0 solutions with pH0 = 7.0.  
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APPENDIX C. CORROSION DYNAMICS IN WATER DROPLETS WITH pH0 9.0 IN 
THE PRESENCE AND ABSENCE OF RADIATION  
The time-dependent behaviours of dissolved copper concentration, pH, and surface 
morphology are presence after copper exposure to aerated (Figure C.1 and C.2), 21 % O2 
(balance Ar) (Figure C.3 and C.4), and deaerated (Figure C.5 and C6) in the presence and 
absence of radiation. The pH0 = 9.0 solutions showed the same behaviour described in 
Chapter 7 for the specific cover gas environment. 
 
Figure C.1 Time-dependent behaviour of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical images, bottom rows) during copper corrosion after exposure to a 100 
µL aerated water droplet with pH0 = 9.0 in the absence (left column) and presence (right 
column) of γ-radiation. The solution data is compared to that after exposure to pH0 = 7.0 water 
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(black squares, data from Chapter 7). The black dotted lines show the general trend of the data 
(not based on regression analysis). 
 
Figure C.2 Time-dependent behaviour of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical images, bottom rows) during copper corrosion after exposure to a 100 
µL water droplet previously purged with 21% O2 (balance Ar) with pH0 = 9.0 in the absence 
(left column) and presence (right column) of γ-radiation. The solution data is compared to that 
after exposure to pH0 = 7.0 water (black squares, data from Chapter 7). The black dotted lines 
show the general trend of the data (not based on regression analysis). 




Figure C.3 Time-dependent behaviour of [CuII(sol’n)] (top row), pH (middle row), and the 
exposed surface (optical images, bottom rows) during copper corrosion after exposure to a 100 
µL deaerated water droplet with pH0 = 9.0 in the absence (left column) and presence (right 
column) of γ-radiation. The solution data is compared to that after exposure to pH0 = 7.0 water 
(black squares, data from Chapter 7). The black dotted lines show the general trend of the data 
(not based on regression analysis). 
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